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Calcium carbonate precipitation in polar sea ice has been proposed as one of the 
driving forces for the carbon pump in sea ice covered regions. After decades of 
controversial discussion on whether calcium carbonate can be precipitated in sea ice, 
the mineral ikaite (CaCO3·6H2O) was for the first time discovered in Antarctic sea ice 
(Dieckmann et al., 2008) and later also found in Arctic sea ice (Dieckmann et al., 
2010). However, the mechanism of ikaite precipitation in sea ice is not well known, as 
is the effect of ikaite precipitation on biogeochemical processes in sea ice. 
The aim of this thesis was to study, under simulated sea ice brine conditions, 
whether ikaite is the only phase of calcium carbonate formed in sea ice and to 
determine the effect of pH, salinity, temperature and phosphate concentrations on the 
precipitation of ikaite, as well as the effect of ikaite precipitation on biogeochemical 
processes in sea ice. 
In the first part of this thesis, I investigate the pathway of ikaite formation in 
solution and the effect of pH as well as phosphate (PO4) on polymorphism of calcium 
carbonate in general. It can be shown that the formation of ikaite does not necessarily 
follow a precursor amorphous calcium carbonate (ACC) pathway and ikaite can be 
precipitated directly from solution. pH and PO4 can act as a switch for different 
calcium carbonate polymorphs. At near freezing temperatures, high pH as well as the 
presence of PO4 favours ikaite formation in fresh water, while low pH and the absence 
of PO4 are in favor of vaterite formation. 
In the second part of this thesis, I study the effect of different parameters in sea ice 
brine (pH, salinity, temperature and phosphate concentrations) on ikaite formation as 
well as the effect of ikaite precipitation on PO4 removal in artificial sea ice brine. The 
results show that ikaite is very likely the only polymorph precipitated in natural sea ice. 
Phosphate is not crucial for ikaite formation in sea ice. The change in pH and salinity 
has a large impact on ikaite precipitation in sea ice, while the change in temperature 
and phosphate concentrations has little effect. PO4 can be coprecipitated with ikaite. 
	  pH as well as the initial PO4 concentrations greatly affects the PO4 removal by ikaite 
precipitation, while the change in salinity (S > 0) and temperature shows no effect on 
the coprecipitation of PO4 with ikaite. These findings may shed some light on the 
observed variability of PO4 concentrations in natural sea ice. 
	  Zusammenfassung 
 
Die Fällung von Kalziumkarbonat in den eisbedeckten polaren Meeren wird als 
wichtiger Antrieb der Kohlenstoffpumpe in diesen Gebieten betrachtet. Nach 
Jahrzenten der Diskussion bezüglich des Vorkommens von Kalziumkarbonat im 
Meereis wurde schließlich die Fällung von Ikait (CaCO3·6H2O) im Meereis der 
Antarktis  und Arktis nachgewiesen (Dieckmann et al., 2008, 2010). Der Verlauf der 
Fällung ist jedoch bis heute noch nicht vollständig entschlüsselt, wie auch die Rolle 
der Fällung in biogeochemischen Prozessen im Eis.  
Ziel dieser Untersuchungen war es, in künstlichem Meerwasser festzustellen, ob 
Ikait das einzige Kalziumkarbonatpolymorph ist, das im Meereis ausfällt, und welche 
Rolle pH, Salzgehalt, Temperatur und Phosphatkonzentrationen bei der Fällung 
spielen. Außerdem sollte die Bedeutung der Ikaitfällung für biogeochemische Prozesse 
untersucht werden. 
Im ersten Teil dieser Arbeit untersuche ich den Ablauf der Ikaitfällung in einer 
Lösung und den Effekt von pH und Phosphat (PO4) auf den Polymorphismus von 
Kalziumkarbonat im Allgemeinen. Es wurde nachgewiesen, dass die Bildung von Ikait 
nicht notwendigerweise amorphes Calciumcarbonat (ACC) als Vorläufer benötigt und 
Ikait direkt aus der Lösung ausgefällt werden kann. pH und PO4 fungieren als 
Auslöser für die verschiedenen Kalziumkarbonat Polymorphe. Bei Temperaturen nahe 
dem Gefrierpunkt begünstigt ein hoher pH-Wert sowie die Anwesenheit von PO4 die 
Ikait Bildung im Süßwasser, während ein niedriger pH-Wert und das Fehlen von PO4 
die Vateritbildung begünstigt. 
Im zweiten Teil dieser Arbeit untersuche ich den Einfluss verschiedener Parameter 
in der Sole des Meereises (pH, Salzgehalt, Temperatur und Phosphatonzentrationen) 
auf Ikaitbildung sowie die Wirkung der Ikaitfällung auf die PO4-Fällung in künstlicher 
Meereissole. Die Ergebnisse zeigen, dass Ikait sehr wahrscheinlich als das einzige 
Polymorph in natürlichem Meereis ausgefällt wird. Phosphat ist nicht entscheidend für 
die Bildung von Ikait im Meereis. Die Veränderungen des pH-Wertes und des 
Salzgehaltes haben einen großen Einfluss auf die Ikaitfällung im Meereis, während 
	  Veränderungen der Temperatur und der Phosphatkonzentration wenig Wirkung 
zeigen. Eine Mitfällung von PO4 mit der Ikaitfällung findet statt. pH sowie die 
anfänglichen PO4 Konzentrationen haben einen großen Einfluss auf die Entfernung 
von PO4 durch die Ikaitfällung, während die Änderung des Salzgehaltes (S > 0) sowie 
die Temperatur keinen Einfluss auf die gemeinsame Fällung von PO4 mit Ikait 
aufweisen. Diese Ergebnisse könnten etwas Licht auf die beobachtete Variabilität der 
PO4 Konzentrationen in natürlichem Meereis werfen. 
	   i	  
Table of Contents 1	  Introduction	  .......................................................................................................................................	  1	  1.1	  Sea	  ice	  ...............................................................................................................................................	  2	  
1.1.1 Sea ice formation .............................................................................................. 2 
1.1.2 Sea ice phase diagram ....................................................................................... 3 
1.1.3 Biogeochemical processes in sea ice ................................................................ 4 1.2	  Calcium	  carbonate	  .......................................................................................................................	  6	  
1.2.1 Calcium carbonate polymorphs ........................................................................ 6 
1.2.2 Ikaite ................................................................................................................. 8 1.3	  Objective	  and	  outline	  of	  the	  thesis	  ....................................................................................	  10	  2	  Is	  amorphous	  calcium	  carbonate	  a	  necessary	  precursor	  for	  ikaite	  formation?	  13	  2.1	  Introduction	  ................................................................................................................................	  15	  2.2	  Experimental	  procedure	  .......................................................................................................	  16	  
2.2.1 Solution preparation ........................................................................................ 16 
2.2.2 Experimental setup .......................................................................................... 16 
2.2.3 Onset time determination ................................................................................ 16 
2.2.4 Crystal identification ....................................................................................... 17 
2.2.5 Evolution of the ion activity product of calcium and carbonate ..................... 17 2.3	  Results	  and	  discussion	  ...........................................................................................................	  17	  2.4	  Conclusions	  .................................................................................................................................	  20	  3	  Effect	  of	  pH	  and	  phosphate	  on	  calcium	  carbonate	  polymorph	  precipitated	  at	  near-­‐freezing	  temperature	  ..........................................................................................................	  21	  3.1	  Introduction	  ................................................................................................................................	  23	  3.2	  Experimental	  procedure	  .......................................................................................................	  23	  
3.2.1 Experiment setup ............................................................................................ 23 
3.2.2 Determination of onset time ............................................................................ 24 
3.2.3 Crystals identification ..................................................................................... 25 
3.2.4 Evolution of the ion activity product of calcium and carbonate ..................... 25 3.3	  Results	  ...........................................................................................................................................	  26	  3.4	  Discussion	  ....................................................................................................................................	  27	  
3.4.1 Calcium carbonate polymorphs precipitated in the absence of PO4 ............... 27 
3.4.2 Effect of solution saturation degree ................................................................ 27 
3.4.3 Effect of potential precipitation time .............................................................. 28 
3.4.4 Effect of pH and Ca/CO3 ratio ........................................................................ 31 
3.4.5 Calcium carbonate polymorphs precipitated in the presence of PO4 .............. 31 
3.4.6 Mechanisms of the ikaite/vaterite polymorph switch ..................................... 32 
3.4.6.1 Mechanism of pH effect ........................................................................... 32 
3.4.6.2 Mechanism of PO4 effect ........................................................................ 33 3.5	  Conclusions	  .................................................................................................................................	  33	  4	  The	  study	  of	  ikaite	  formation	  in	  artificial	  sea	  ice	  brine	  ...............................................	  35	  Abstract	  ................................................................................................................................................	  36	  
	   ii	  
4.1	  Introduction	  ................................................................................................................................	  37	  4.2	  Methods	  ........................................................................................................................................	  38	  
4.2.1 Preparation of stock solutions ......................................................................... 38 
4.2.2 Experimental setup .......................................................................................... 39 
4.2.3 Onset time determination ................................................................................ 40 
4.2.4 Crystal identification ....................................................................................... 41 
4.2.5 Evolution of the ion activity product of calcium and carbonate ..................... 42 
4.2.6 CO2 system calculation ................................................................................... 42 4.3	  Results	  ...........................................................................................................................................	  43	  
4.3.1 Effect of experimental conditions on the calcium carbonate polymorph 
precipitated ............................................................................................................... 43 
4.3.2 Onset time of ikaite under different experimental conditions ........................ 45 
4.3.3 Evolution of the ion activity product of Ca2+ and CO32- ................................. 47 4.4	  Discussion	  ....................................................................................................................................	  50	  
4.4.1 Ikaite crystal size ............................................................................................. 50 
4.4.2 Effect of PO4 on the polymorph of calcium carbonate precipitated ............... 50 
4.4.3 Effect of experimental conditions on ikaite precipitation ............................... 50 
4.4.3.1 pH effect ................................................................................................... 51 
4.4.3.2 Salinity effect ........................................................................................... 52 
4.4.3.3 Temperature effect ................................................................................... 53 
4.4.3.4 PO4 effect ................................................................................................. 53 
4.4.4 Application to natural sea ice scenario ........................................................... 54 4.5	  Conclusions	  .................................................................................................................................	  55	  5	  Coprecipitation	  of	  phosphate	  with	  ikaite	  in	  artificial	  sea	  ice	  brine	  ........................	  57	  5.1	  Introduction	  ................................................................................................................................	  59	  5.2	  Methods	  ........................................................................................................................................	  60	  
5.2.1 Solution preparation ........................................................................................ 60 
5.2.2 Experimental setup .......................................................................................... 60 
5.2.3 Determining the onset of precipitation ........................................................... 61 
5.2.4 Crystal identification ....................................................................................... 62 
5.2.5 Determination of solution supersaturation at onset of precipitation ............... 62 
5.2.6 Quantification of ikaite and PO4 ..................................................................... 63 5.3	  Results	  ...........................................................................................................................................	  64	  
5.3.1 The precipitate under different experimental conditions ................................ 64 
5.3.2 Removal of PO4 by ikaite precipitation ........................................................... 64 
5.3.3 Solution supersaturation at the onset of ikaite precipitation ........................... 65 5.4	  Discussion	  ....................................................................................................................................	  70	  
5.4.1 General pattern of PO4 coprecipitation with ikaite ......................................... 70 
5.4.2 Effect of pH on PO4 coprecipitation with ikaite ............................................. 71 
5.4.3 Effect of salinity on PO4 coprecipitation with ikaite ....................................... 72 
5.4.4 Effect of temperature on PO4 coprecipitation with ikaite ............................... 73 
5.4.5 Effect of initial PO4 concentration on PO4 coprecipitation with ikaite ........... 74 5.5	  Conclusions	  .................................................................................................................................	  75	  6	  Summary	  and	  perspective	  ........................................................................................................	  77	  Bibliography	  .......................................................................................................................................	  81	  
	   iii	  
List	  of	  figures	  .....................................................................................................................................	  89	  List	  of	  tables	  .......................................................................................................................................	  93	  Appendix	  ..............................................................................................................................................	  95	  
 
  
	   iv	  





	   2	  
1.1 Sea ice 
Sea ice is a thin, fragile and dynamic solid layer formed when seawater freezes. At 
its maximum extent, Sea ice covers more than 7% of the Earth’s surface, or about 12% 
of the world’s oceans (Weeks, 2010). The presence of sea ice influences the 
temperature and circulation patterns of both the atmosphere and ocean. It also reduces 
the amount of solar radiation absorbed at the ocean's surface due to its high albedo 
(Washington and Parkinson, 1986). While acting to some extent as a barrier and 
slowing down exchange processes between ocean and atmosphere it is also a source of 
organic matter, nutrients and gases released to both atmosphere and the ocean (Loose 
et al., 2011), resulting from a variety of biogeochemical processes mainly associated 
with a rich microbial community within the ice (Thomas and Dieckmann, 2010). 
1.1.1 Sea ice formation 
The freezing point of seawater at salinity 34 is -1.86oC. When sea ice forms, 
dissolved salts are quantitatively expelled from the ice crystal matrix since major ions 
cannot be incorporated into the ice crystal lattice (Eicken, 2003). Due to gravity 
drainage, a large portion of the expelled dissolved salts is rejected into the underlying 
seawater column (Notz and Worster, 2009). However, a certain amount of seawater 
remains, trapped in the sea ice matrix, forming the so-called brine retained in pockets 
and channels throughout the sea ice. As temperature decreases, the trapped brine 
freezes accordingly, resulting in the residual brine becoming more saline. The 
relationship between brine salinity (Sb) and temperature (T above -23oC) can be 
approximated by 
Sb = (1 - 54.11/T)-1 *1000 
with T in oC (Eicken, 2003). 
The microstructure of sea ice is greatly modified by the interaction of physical, 
biological and  chemical processes, which forms an extremely heterogeneous 
semi solid matrix (Thomas and Dieckmann, 2010). As shown in Fig. 1.1, depending 
on the formation conditions (e.g. air temperature, wind and ocean currents), sea ice 
comprises different textures (Eicken, 2003). 
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Fig. 1.1 Schematic summarizing the main ice textures, growth conditions and time 
scales for first-year sea ice (Eicken, 2003). 
1.1.2 Sea ice phase diagram 
Different from lake ice, sea ice consists of pure ice, brine, precipitated salts (below 
certain temperature levels) and gas bubbles. As the brine temperature decreases, 
eutectic points of the various salts are reached and the salts start to precipitate 
preferentially at different temperatures (Fig. 1.2) (Assur, 1958). The first mineral to 
precipitate is ikaite, which is predicted to precipitate just below the freezing point of 
seawater. As the temperature further decreases, the ice mass fraction increases 
steadily, while the mass fraction of brine can drop bellow 6% at –40oC. Nevertheless, 
even at the lowest temperatures, a small but non-negligible liquid fraction remains 
(Eicken, 2003). 
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Fig. 1.2 Phase diagram of sea ice. The difference curves indicate the mass fraction of 
solid ice (top), salts (middle) and liquid brine (bottom) present in a closed volume of 
standard seawater at different temperatures (Assur, 1958). 
1.1.3 Biogeochemical processes in sea ice 
During the last decades, major efforts have been undertaken to study the 
biogeochemical processes within sea ice (Delille et al., 2007; Gleitz et al., 1995; 
Papadimitriou et al., 2012; Rysgaard et al., 2007). Nevertheless, the existing evidence 
regarding controls on the biogeochemical processes in sea ice is still sparse 
(Papadimitriou et al., 2007; Thomas and Dieckmann, 2010). 
As illustrated in Fig. 1.3, starting with a decrease in brine temperature, the brine 
salinity increases accordingly, affecting the chemical environment in brine with regard 
to the CO2 system (dissolved inorganic carbon (DIC), total alkalinity (TA), pCO2 and 
pH) as well as elevated major nutrient concentrations (nitrate, silicic acid and 
phosphate). The photosynthetic activity in sea ice leads to depletion of the major 
nutrients, while driving the accumulation of O2 and increasing brine pH (Gleitz et al., 
1996; Günther et al., 1999). The brine pH can rise up to ~10 (Gleitz et al., 1995; 
Papadimitriou et al., 2007). This extreme chemical environment leads to the 
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precipitation of ikaite, which has recently been discovered both in Antarctic and Arctic 
pack ice (Dieckmann et al., 2008, 2010). The precipitation of ikaite in turn alters the 
chemical environments in sea ice. Among which, the CO2 cycle is of pivotal interest, 
since the formation/dissolution of ikaite is considered to play an important role in the 
sea ice carbon cycle (Geilfus et al., 2012; Rysgaard et al., 2007).	  
 
Fig. 1.3 Scheme of biogeochemical processes in sea ice. The change in temperature 
(T) is the driving force for other parameters (e.g. salinity (S), biological activity (Bio) 
and pH) in sea ice. The precipitation of ikaite in sea ice is affected by these 
parameters and in turn affects the chemical environment (e.g. pH, CO2) as well as 
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1.2 Calcium carbonate 
Calcium carbonate is an important mineral in nature. The precipitation of calcium 
carbonate (biominerals and geological deposits) can bind a large amount of CO2 and 
affect the seawater chemistry. Calcium carbonate is also an ideal mineral for 
nucleation and crystal growth study, since it has several polymorphs and the 
morphology of each form varies with the precipitation conditions. 
1.2.1 Calcium carbonate polymorphs 
Different phases of calcium carbonate are known to exist: amorphous calcium 
carbonate (ACC), calcium carbonate monohydrate (MCC), calcium carbonate 
hexahydrate (ikaite) and the three anhydrous polymorphs: vaterite, aragonite, and 
calcite. The solubility products (K) are given in Table 1.1. 
Table 1.1 Solubility constants of different calcium carbonate polymorphs (modified 
after Nehrke (2007)). 
Polymorph pK at 0oC Log (K) (T in oK and t in oC) Ref. 
ACC 6.20 -6.1987 – 0.005336 t – 0.0001096 t2 a 
MCC 7.05 -7.05 – 0.000159 t2 b 
Ikaite 7.20 0.15981 – 2011.1/T c 
Vaterite 7.74 
-172.1295 – 0.077993 T + 3074.688/T + 
71.595 log T 
d 
Aragonite 8.22 
-171.9773 – 0.077993 T + 2903.293/T + 
71.595 log T 
d 
Calcite 8.38 
-171.9065 – 0.077993 T + 2839.319/T + 
71.595 log T 
d 
a: Brečević and Nielsen (1989), b: Kralj and Brečević (1995), c: Bischoff et al. 
(1993a), d: Plummer and Busenberg (1982). 
The formation of different phases of calcium carbonate might be explained by 
Ostwald step rule (Ostwald, 1897), which states that in general it is not the most stable 
but the least stable polymorph that crystallizes first. The empirical observation shows 
that crystallization from a solution preferentially starts from the thermodynamically 
less stable phase followed by the thermodynamic stable phase, indicating that the less 
stable phase may be kinetically favored (as illustrated in Fig. 1.4 pathway A). 
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Nevertheless, the most stable phase can also be precipitated directly from solution 
without going through all the precursors (as illustrated in Fig. 1.4 pathway B). 
 
Fig. 1.4 Illustration of the Ostwald step rule. The transformation through pathway A 
is kinetically more favored than the direct formation through pathway B (modified 
after Nehrke (2007)). 
Recently, it was postulated that stable prenucleation clusters exist and that ACC is 
the first precipitated phase of calcium carbonate after nucleation (Gebauer et al., 
2008). It was further proposed that different forms of ACC exist (e.g. ACC I, ACC II, 
…), which correspond to particular crystalline calcium carbonate after its 
transformation, as illustrated in Fig. 1.5 (Gebauer et al., 2008). 
 
Fig. 1.5 Schema of the classical and novel view on precipitation (not to scale). 
Prenucleation-stage calcium carbonate clusters provide an early precursor species of 
different ACC phases giving rise to an alternative crystallization-reaction channel 
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1.2.2 Ikaite 
Synthetic CaCO3·6H2O was already known from laboratory studies in the 
nineteenth century (Pelouze, 1865). It was first found in nature at the bottom of the Ika 
Fjord in Greenland (Pauly, 1963), and named ikaite after the location of its discovery. 
This mineral was subsequently found in deep-sea sediments (Jansen et al., 1987; Suess 
et al., 1982), Mono Lake, California, USA (Bischoff et al., 1993b; Council and 
Bennett, 1993) and cold spring water at Shiowakka, Hokkaido, Japan (Ito, 1996). 
Recently, it was discovered in polar sea ice in both the Antarctic and Arctic 
(Dieckmann et al., 2008; Dieckmann et al., 2010). The natural occurrences of ikaite 
are characterized by low temperatures (below 4°C), high pH, high alkalinity, elevated 
concentrations of phosphate and organic matter (Buchardt et al., 1997; Rickaby et al., 
2006). 
Ikaite (CaCO3·6H2O) is a metastable mineral of calcium carbonate. It is only stable 
at low temperatures and/or high pressure (Marland, 1975). The crystal structure of 
ikaite is monoclinic, containing discrete CaCO3 ion pairs, each surrounded by an 
envelope of 18 water molecules. The Ca2+ is bound more closely to the six water 
molecules than to the CO32- ion (Fig. 1.6) (Dickens and Brown, 1970). The density of 
ikaite (1.8 g cm-3) is much lower than that of calcite (2.71 g cm-3). In contrast to other 
calcium carbonate phases, the solubility of ikaite increases with temperature (Bischoff 
et al., 1993a). 
	  
Fig. 1.6 Part of the crystal structure of ikaite. Ca (blue) is in dodecahedral 
coordination with O atoms (red) of the carbonate (black planar) and water molecules, 
while hydrogen bonds (dotted) between H-atoms (yellow) of the water molecules to 
the O-atoms of the carbonate ion exist (From Wikipedia after Dickens and Brown 
(1970); Swainson and Hammond (2003)). 
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At a temperature above 0°C, normal seawater is supersaturated with both calcite 
and aragonite, but largely undersaturated with respect to ikaite (Fig. 1.7). The 
precipitation of ikaite from seawater thus requires an excess concentration of Ca2+ 
and/or CO32-. This might partly explain the rare occurrences of ikaite in nature. 
 
Fig. 1.7 Common logarithm of the solubility product constants, log (K), versus 
temperature for ikaite (Bischoff et al., 1993a), aragonite  and calcite (Plummer and 
Busenberg, 1982). The dotted line representates the ion activity product of calcium 
carbonate in artifical seawater (salinity 35, pH 8.1, Ca 10 mM and DIC 2mM) 
calculated from Visual-Minteq in the temperature range from 0 to 30oC. 
The occurences of ikaite in nature are of great importance. It has been reported that 
ikaite can be used to trace the evolution of oceanic δ18O (Rickaby et al., 2006), and 
thus act as a record of late Holocene climate (Lu et al., 2012). It is commonly believed 
that ikaite is the precursor of the calcite pseudomorphs (Bischoff et al., 1993a; Council 
and Bennett, 1993; McLachlan et al., 2001). The calcite pseudomorphs (Glendonite) 
after ikaite decomposition are considered to be a valuable indicator of cold 
paleoenvironments (De Lurio and Frakes, 1999; Selleck et al., 2007; Suess et al., 
1982). Furthermore, precipitation of calcium carbonate (ikaite) in sea ice is considered 
fundamental in catalyzing chemical processes (Sander et al., 2006; Sander and Morin, 
2009), as well as important for the CO2 flux in polar sea ice covered regions (Geilfus 











ikaite	  aragonite	  calcite	  SW	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1.3 Objective and outline of the thesis 
Ikaite is one of the hydrated forms of calcium carbonate. Due to the rare 
occurrences in nature as well as being a metastable form, studies of ikaite compared to 
other forms of calcium carbonate are sparse. The recent discovery of ikaite in polar sea 
ice (Dieckmann et al., 2008, 2010) has received new attention among polar scientists, 
since its formation and dissolution are considered to be important for carbon cycle in 
sea ice covered regions. However, the conditions in sea ice brine leading to ikaite 
precipitation as well as the effect of ikaite precipitation on the biogeochemical 
processes in sea ice brine are poorly understood. Since the natural sea ice brine system 
is too complex and inaccessible to identify the parameters leading to ikaite 
precipitation directly in the field, it is necessary to investigate the parameters 
separately under controlled laboratory conditions. The objective of this thesis was to 
set up lab experiments so as to study ikaite formation under optimal experimental 
conditions, resembling as close as possible natural sea ice conditions. Aim was to 
understand ikaite formation in general and to study the effect of different parameters 
on ikaite formation in artificial sea ice brine as well as to determine the effect of ikaite 
precipitation on phosphate removal under different conditions. 
Chapter 2 addresses whether amorphous calcium carbonate is a necessary precursor 
in the formation of ikaite. The precipitation of ikaite from solutions covering a wide 
range of saturation levels with respect to ikaite is discussed. 
Chapter 3 deals with how a change in solution pH as well as the presence of 
phosphate plays a role in calcium carbonate polymorphism at near freezing 
temperatures. The mechanism of pH and phosphate in controlling the calcium 
carbonate polymorphs is discussed. 
Chapter 4 addresses the effect of different parameters (pH, salinity, temperature and 
phosphate concentrations) on ikaite formation, in order to investigate whether ikaite is 
the only phase of calcium carbonate formed in sea ice and to qualify the effect of 
different parameters on the precipitation of ikaite. 
	   11	  
Chapter 5 deals with the coprecipitation of phosphate with ikaite under different 
experimental conditions. The effect of pH, salinity, temperature and initial phosphate 
concentrations on phosphate removal by ikaite precipitation is presented. 





Is amorphous calcium carbonate 
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Abstract 
 It has recently been proposed that amorphous calcium carbonate (ACC) represents 
the general precursor phase during the formation of crystalline calcium carbonate 
minerals and that different forms of ACC exist, which are related to the particular 
crystalline calcium carbonate polymorphs they transform into. In order to investigate 
if ACC is involved in the formation of the hydrated calcium carbonate polymorph 
ikaite, we performed calcium carbonate precipitation experiments by titrating CaCl2 
and NaHCO3 solutions into a reaction vessel at different titration rates and at near-
freezing temperatures. At all conditions tested, ikaite was the only precipitate 
observed. At slow titration rates, the ion activity product of calcium and carbonate 
remained below the saturation level of calcium carbonate monohydrate, which is the 
most soluble crystalline calcium carbonate at near-freezing temperatures. These 
results indicate that, from a thermodynamic perspective, formation of any ACC 
precursor is not possible at our experimental conditions. Our results therefore suggest 
that, ACC is not a necessary precursor for the formation of ikaite. 
  
	   15	  
2.1 Introduction 
 Five crystalline polymorphs of calcium carbonate are known to exist, namely, 
calcite, aragonite, vaterite, calcium carbonate hexahydrate (ikaite) and calcium 
carbonate monohydrate (MCC), listed in order of increasing solubility at near-
freezing temperatures. During the formation of anhydrous crystalline polymorphs, 
amorphous calcium carbonate (ACC) is generally known as a precursor for which the 
existence of different forms or structures is currently widely discussed (Cartwright et 
al., 2012; Lam et al., 2007). 
 Ikaite (CaCO3·6H2O) represents a rare mineral in the natural environment. It is a 
metastable form of calcium carbonate, normally found in environments characterized 
by low temperatures (below 4 °C) and/or high pressure (Marland, 1975), high 
alkalinity and high phosphate concentrations (Buchardt et al., 1997). Unlike other 
forms of calcium carbonate, the solubility of ikaite increases with 
temperature (Bischoff et al., 1993a). 
 The study of ACC has recently attracted much attention (Bots et al., 2012; 
Rodriguez-Blanco et al., 2011). It has been hypothesized that ACC represents the 
general precursor phase during the formation of crystalline calcium carbonate phases 
and that different forms of ACC are related to the particular crystalline calcium 
carbonate polymorphs they transform into (Gebauer et al., 2008). Other studies 
(Hetherington et al., 2011; Rodríguez-Ruiz et al., 2014) on the other hand showed that 
ACC is not a necessary precursor for crystalline calcium carbonate formation. 
However, due to the fast transformation of ACC into crystalline calcium carbonate 
polymorphs, it is not always possible to detect the presence of ACC (Bots et al., 
2012). 
 In the study of Gebauer et al. (2008), the existence of different ACC precursors 
was postulated based on different solubilities determined from precipitation 
experiments in a titration setup. Their study looked at the formation pathway of 
anhydrous forms of calcium carbonate. Here we investigate if their findings can be 
also applied to the precipitation of hydrated polymorphs of calcium carbonate.  From 
the variety of different methods used throughout the literature to investigate the 
existence of precursor phases we chose precipitation experiments, using solution 
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chemistry evolution and titration data, that provided us with data directly comparable 
to the study of Gebauer et al. (2008). To investigate whether ACC is a necessary 
precursor in the formation of the hydrated calcium carbonate phase ikaite, we 
performed experiments at near-freezing temperatures and high pH at different titration 
rates of CaCl2 and NaHCO3 solutions. This approach leads to the precipitation of 
ikaite from solutions covering a wide range of supersaturation levels with respect to 
ikaite, including levels below the solubility of MCC, the most soluble of crystalline 
calcium carbonate phase at near-freezing temperatures. The results show that, at our 
experimental conditions, the formation of ikaite does not necessarily follow a 
precursor ACC pathway. 
2.2 Experimental procedure 
2.2.1 Solution preparation 
 Stock solutions of CaCl2 and NaHCO3 at concentrations of 0.3 mol/L were 
prepared by dissolving 2.205 g CaCl2·2H2O (ACS, Reag. MERCK) and 1.26 g 
NaHCO3 (ACS, Reag. MERCK) into ultrapure water with a final volume of 50 mL, 
respectively.  Working solution (0.04 mol/L NaOH) was prepared by diluting 8 mL, 
1N NaOH (TitriPUR, MERCK) into ultrapure water with a final volume of 200 mL. 
2.2.2 Experimental setup 
 Solutions of 0.3 mol/L CaCl2 and NaHCO3 solutions were titrated into a 200 mL 
0.04 mol/L NaOH solution (pH = 13.4) using a peristaltic pump (IPC-N, Ismatec) at 
titration rates between 3.6 µL/min and 100 µL/min. The working solution in the 
reactor vessel was continuously stirred at a rate of 400 rpm by means of a Teflon-
coated magnetic stirring bar. The working solution pH did not change throughout the 
experiment. The reactor temperature was kept at 0.5±0.5 °C by a water-bath using 
double walled water jackets. Duplicate experiments were carried out at 10 min 
interval. 
2.2.3 Onset time determination 
 The time from the moment when titration started until the moment that the first 
crystals were observed was recorded as onset time. The appearance of crystals in the 
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working solution was determined by optical microscopy (Zeiss, Axiovert 200M) at 
the experimental temperature. Every 5 min, around 2 mL of solution from one 
experiment was taken in a petri dish and checked carefully under the microscope 
using an objective with 63X magnification. To more accurately determine the onset 
time, solutions from the parallel experiment that started 10 min after the first one were 
checked every 2 min after the onset of crystallization was observed in the first 
experiment. 
2.2.4 Crystal identification 
 The mineral phase was identified by means of Raman spectroscopy. This method 
can reliably distinguish between the various polymorphs of calcium 
carbonate (Nehrke et al., 2012; Tlili et al., 2001). The confocal Raman microscope 
(WITec®, Ulm, Germany) was equipped with a diode laser (532 nm) and an 
Olympus® 20X Teflon-coated water submersible objective. For the Raman 
measurement, around 2 mL of the well-stirred solutions was sampled together with 
the crystals by means of a pipette and quickly transferred to a glass petri dish, which 
was kept cold during the measurement using an ice-water bath. This method 
prevented metastable from of calcium carbonate transforming into a more stable 
polymorph during the measurement (Geilfus et al., 2013). 
2.2.5 Evolution of the ion activity product of calcium and carbonate 
 The evolution of the ion activity product of calcium and carbonate (IAP) until the 
onset of crystal precipitation at varied titration rates was calculated using the chemical 
equilibrium model Visual-Minteq 3.0 (Gustafsson, 2011). The input parameters for 
each run were the same as those for the experiments, and the models ran as titrations, 
simulating the experimental titration of CaCl2 and NaHCO3 into the reactor vessel. 
Activities were calculated using the Davies Equation. 
2.3 Results and discussion 
 Fig. 2.1 shows a typical spectrum obtained using Raman microscope on our 
precipitates formed. According to the vibrational modes ν1 (1071 cm-1) and ν4 
(718 cm-1) of CO32- obtained in our Raman measurements, ikaite is the only 
polymorph of calcium carbonate identified at all titration rates. While titration rates 
	   18	  
increased from 3.6 to 100 µL/min, the onset time was observed to decrease from 180 
to 17 min (Table 2.1). The morphologies of ikaite are similar at all titration rates; with 
an average size around 20 µm (Fig. 2.2), which are similar to those reported in the 
study of Bischoff et al. (1993a). 
Table 2.1 Precipitate of calcium carbonate and the onset time of precipitation at 
different titration rates and at constant Ca2+/CO32- ratio, pH and temperature. 
 Ca2+/CO32- = 1:1, pH = 13.4, T = 0.5 °C 
Titration rate 
(µL/min) 3.6 5 20 50 100 
Precipitate ikaite ikaite ikaite ikaite ikaite 




Fig. 2.1 Ikaite Raman spectrum of precipitates obtained at 20 µL/min titration rate, 
and representative of all spectra obtained for precipitates formed in our experiments.  
 
Fig. 2.2 Ikaite morphology observed in a sample at 20 µL/min titration rate, and 
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 The different rates at which CaCl2 and NaHCO3 solutions were pumped into the 
reaction vessel resulted in different rates at which the working solutions evolved. 
Fig. 2.3 illustrates the evolution of log(IAP) relative to solubility products of ACC, 
MCC and ikaite. The solubility products of ACC, MCC and ikaite at 0.5 °C obtained 
from Brečević and Nielsen (Brečević and Nielsen, 1989), Kralj and Brečević (Kralj 
and Brečević, 1995) and Bischoff et al. (Bischoff et al., 1993a) are -6.20, -7.05 
and -7.19, respectively. The rate of IAP evolution increases with increasing titration 
rate. At higher titration rates, the solutions need a shorter time to reach 
supersaturation with respect to ikaite, explaining the decrease in onset time. And also, 
at higher titration rates a higher degree of solution supersaturation is reached before 
ikaite precipitation starts (Fig. 2.3). Nevertheless, even at the highest titration rate, the 
solution remains undersaturated with respect to ACC, where the solubility product is 
derived from Brečević and Nielsen (Brečević and Nielsen, 1989). At our lowest 
titration rates of 5 µL/min and 3.6 µL/min, the solutions are just supersaturated with 
respect to ikaite while still undersaturated with respect to MCC when ikaite 
precipitation starts (Fig. 2.3). Thus, even if we assume that various forms of ACC 
with different solubilities exist, like suggested by some authors (Gebauer et al., 2008; 
Lam et al., 2007), ACC should still represent the most soluble form of calcium 
carbonate (Brečević and Nielsen, 1989; Sugiura et al., 2013) and therewith cannot 
have a solubility lower than the most soluble crystalline calcium carbonate 
polymorph, which under the experimental conditions of this study is MCC. 
 
Fig. 2.3 Evolution of the logarithmic ion activity product of calcium and carbonate in 
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 Our results therefore indicate that ACC is not necessary as a precursor in the 
formation of the hydrated calcium carbonate polymorph ikaite, because from a 
thermodynamic point of view, it is not possible for any form of ACC to precipitate at 
low titration rates at our experimental conditions. Therefore, the premise of Gebauer 
et al. (Gebauer et al., 2008) that ACC represents the general precursor phase during 
the formation of crystalline calcium carbonate phases and that different ACC phases 
exist as precursors for the different crystalline polymorphs might not hold true when it 
comes to the formation pathway of the hydrated calcium carbonate, ikaite. 
2.4 Conclusions 
 The formation of calcium carbonate at different titration rates and near-freezing 
temperatures in high pH solution was studied. Ikaite is the only form of calcium 
carbonate observed in this study. The evolution of the ion activity product of calcium 
and carbonate at slow titration rates shows that ikaite formation occurs well below the 
saturation level of amorphous calcium carbonate, indicating that amorphous calcium 
carbonate is not a necessary precursor for ikaite formation. 
 




Effect of pH and phosphate on calcium 
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Abstract 
The effects of pH and phosphate on calcium carbonate polymorphs precipitation in 
solution were investigated. Experiments were carried out at near-freezing temperature 
and two different pH conditions (pH = 13.4 and 9.0). At each pH condition, different 
concentrations of CaCl2 and NaHCO3 were applied to achieve ratios of 1:1 and 10:1 
for Ca/CO3. CaCl2 and NaHCO3 solutions were pumped into different pH solutions 
with or without phosphate at different pumping rates. Results showed that, at 
pH = 13.4, only ikaite was formed, independent of phosphate, pumping rate or the 
ratio of Ca/CO3. At pH = 9.0, the precipitate was vaterite in the absence of phosphate 
and ikaite in the presence of phosphate regardless of the ratio of Ca/CO3. These results 
indicate that at low temperature, pH and phosphate can act as a switch between ikaite 
and vaterite polymorphs. 
	    
	   23	  
3.1 Introduction 
Calcium carbonate (CaCO3) can exist in different phases. Various amorphous 
forms: amorphous calcium carbonate (ACC) (Cartwright et al., 2012; Lam et al., 
2007), two hydrated forms: calcium carbonate monohydrate (MCC) and calcium 
carbonate hexahydrate (ikaite), and the three anhydrous polymorphs: vaterite, 
aragonite and calcite. 
The formation of different polymorphs of CaCO3 is strongly affected by 
precipitation conditions. Among them, pH and additives are considered to be two 
dominating factors controlling polymorphism during calcium carbonate precipitation 
(Han et al., 2006; Song and Colfen, 2011). Furthermore, the Ca/CO3 ratio in solution 
affects the binding strength of Ca to CO3, which is postulated to play an important role 
in determining different forms of ACC, which later transform into the particular 
calcium carbonate polymorphs (Gebauer et al., 2008). However, the change of solution 
pH is at the same time associated with a change in hydrogen ion concentration (H+) 
and the Ca/CO3 ratio in solution, making it difficult to separate pH and solution 
stoichiometry effects. The effect of additives on calcium carbonate crystallization has 
been extensively studied (Song and Colfen, 2011), however, the mechanism by which 
additives influence precipitation are still not known (Gebauer et al., 2009). 
Ikaite is a metastable calcium carbonate phase for which the formation mechanisms 
are equally poorly understood. In general, ikaite can be found in environments 
characterized by near zero temperatures, high alkalinity and phosphate (PO4) 
concentrations (Bischoff et al., 1993a; Buchardt et al., 1997; Council and Bennett, 
1993). But more recently, ikaite has also been observed in sea ice at much lower PO4 
concentrations (Dieckmann et al., 2010; Geilfus et al., 2013). The objective of this 
study was to investigate how a change in pH as well as the presence of PO4 plays a 
role in calcium carbonate polymorphism at near-freezing temperature. 
3.2 Experimental procedure 
3.2.1 Experiment setup  
Experiments were carried out in solution by pumping different concentrations of 
CaCl2 and NaHCO3 solutions at two different pHstat conditions (pH = 13.4 and 9.0) at 
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near-freezing temperature. At pH = 13.4, nearly all dissolved inorganic carbon (DIC) 
is in form of CO32-; while at pH = 9.0, nearly 10% of DIC is in form of CO32-. At pH = 
13.4, two sets of concentrations of CaCl2 and NaHCO3 were applied (0.3 mol L-1 : 0.3 
mol L-1  and 0.3 mol L-1  : 0.03 mol L-1 ) to achieve ratios of 1:1 and 10:1 for Ca/CO3. 
At pH = 9.0, 0.3 mol L-1  : 0.3 mol L-1  and 0.03 mol L-1  : 0.3 mol L-1  of CaCl2 and 
NaHCO3 solutions were applied to achieve ratios of 10:1 and 1:1 for Ca/CO3. The 
effect of PO4 (0 versus 10 µmol L-1) was tested under each experimental condition. At 
pH = 13.4, various pumping rates ranging from 3.6 to 100 µL min-1 were also 
conducted at concentrations of CaCl2 and NaHCO3 0.3 mol L-1 : 0.3 mol L-1 and in the 
absence of PO4. At pH = 13.4, solution pH did not change throughout the experiment. 
At pH = 9.0, 0.1M NaOH solution was added by a titration system (TA20 plus, SI 
Analytics) to keep the solution pH constant. CaCl2 and NaHCO3 solutions were 
pumped through a high precision peristaltic pump (IPC-N, Ismatec) into 200 g 
working solution. The working solution was stirred at a constant rate of 400 rpm by 
means of Teflon-coated magnetic stirring bar. The reactor temperature was kept 
around 0 ~ 0.5oC using a water-bath and double walled water jackets. Duplicates for 
each experimental condition were carried out at 10-min interval. 
3.2.2 Determination of onset time 
Onset time in this study is defined as the time from the moment when pumping 
starts until the moment that the first crystals are observed. At pH = 13.4, the onset of 
precipitation was determined by using a microscope (Zeiss, Axiovert 200M). Every 5 
min, around 2 mL solutions from one experiment was taken and checked carefully 
under the microscope using an objective with 63x magnification. When crystals from 
the first experiment were observed under the microscope, solutions from the other 
parallel experiment, which started 10 min after the first one, were checked at 2 min 
interval until crystals were observed.  
At pH = 9.0, the onset of precipitation was determined by the titration curve. While 
calcium carbonate is precipitated from solution, CO2 is released, which leads to a 
decrease in solution pH. This rapid change in pH could have been used to determine 
the onset of precipitation. However, pH in solution was kept constant by the addition 
of NaOH during the experiment. Therefore, the sudden increase in NaOH volume 
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(VNaOH) added into the reactor vessel was used to determine onset time (marked with a 
circle in the Fig. 3.1). 
 
           
Fig. 3.1 pH curve and volume of NaOH solution added to keep pH constant. The 
circle indicates the onset of calcium carbonate precipitation. 
3.2.3 Crystals identification 
The phase identification of the crystals was done by means of Raman microscopy. 
This method can be used to reliably distinguish between the various polymorphs of 
calcium carbonate (Nehrke et al., 2012; Tlili et al., 2001). The confocal Raman 
microscope (WITec®, Ulm, Germany) was equipped with a diode laser (532 nm) and 
an Olympus® 20x Teflon coated water submersible objective. During the Raman 
measurement, crystals were maintained in the original solution and placed in a glass 
Petri dish, which was kept cold using an ice-water bath. 
3.2.4 Evolution of the ion activity product of calcium and carbonate 
The evolution of the ion activity product of Ca2+ and CO32- (IAP) in the solution 
under different experimental conditions was calculated by using the chemical 
equilibrium model Visual-Minteq 3.0 (Gustafsson, 2011). It was modified by the 
implementation of the solubility constant of ikaite (Ksp, ikaite), derived from log Ksp, ikaite 
= 0.15981 – 2011.1/T (Bischoff et al., 1993a), where T (K) is the absolute temperature. 
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3.3 Results 
The experiments conducted and the CaCO3 polymorphs precipitated are 
summarized in Fig. 3.2. At high pH (pH = 13.4), only ikaite was formed, independent 
of PO4 or the ratio of Ca/DIC. At low pH (pH = 9.0), the precipitate was 
predominantly vaterite in the absence of PO4 and only ikaite in the presence of PO4 
regardless of the ratio of Ca/DIC. At constant pumping rate of 100 µL min-1, the 
shortest onset time of about 17 min was observed at condition of pH = 13.4 and 
Ca/DIC = 1:1 regardless of the PO4. The onset time (~ 44 min) was similar between 
the conditions of pH = 13.4, Ca/DIC = 10:1 and pH = 9.0, Ca/DIC = 1:1. The longest 
onset time (~ 100 min) was observed at pH = 9.0 and Ca/DIC = 1:1. No significant 
difference was found in onset time regardless of the PO4 (0 versus 10 µmol L-1) under 
the otherwise same conditions. 
The calcium carbonate polymorphs precipitated at different pumping rates at pH = 
13.4 and in the absence of PO4 are shown in Fig. 3.3. At pumping rate from 3.6 to 100 
µL min-1, ikaite was the only calcium carbonate phase observed. The corresponding 
onset time decreased from 180 to 17 min. 
 
Fig. 3.2 Precipitates of calcium carbonate and onset time at different pH, Ca/DIC ratio 
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 Fig. 3.3 Precipitates of calcium carbonate and onset time at different pumping rates at 
constant Ca/DIC and pH and in the absence of PO4 at near-freezing temperature. 
3.4 Discussion 
3.4.1 Calcium carbonate polymorphs precipitated in the absence of PO4 
The different precipitates of calcium carbonate (ikaite or vaterite) under two pH 
conditions in the absence of PO4 might result from the difference in the degree of 
solution saturation, pH, Ca/CO3 ratio and potential precipitation time for vaterite τp,v 
(the time span between the moment that the ion activity product of Ca2+ and CO32- 
(IAP) passes through the vaterite solubility and the onset of calcium carbonate 
precipitation). Next, we discuss these effects to determine the controlling factor on the 
different polymorphs precipitated. 
3.4.2 Effect of solution saturation degree  
The ion activity product of Ca2+ and CO32- at the onset of calcium carbonate 
precipitation is shown in Table 3.1. At the condition of pH = 9.0 and Ca/DIC = 1:1, 
the log (IAP) is nearly identical to the one at the condition of pH = 13.4 and Ca/DIC = 
1:1, but the precipitates are different, namely vaterite at pH = 9.0 and ikaite at pH = 
13.4. Similar results are found at the condition of pH = 9.0, Ca/DIC = 10:1 and pH = 
13.4, Ca/DIC = 1:10. This suggests that the different precipitates at two pH conditions 
are not determined by solution saturation degree. 
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Table 3.1 log (IAP) of calcium and carbonate and precipitates at varied pH and 
Ca/DIC ratios. 
pH 13.4 9.0 
Ca/DIC 1:1 10:1 1:1 1:10 
log (IAP) −6.403 −6.690 −6.408 −6.727 
Precipitate ikaite ikaite vaterite vaterite 
 
3.4.3 Effect of potential precipitation time 
The log (IAP) of Ca2+ and CO32- evolution with time is shown in Fig. 3.4a. Under 
all conditions, the log (IAP) passes through both vaterite and ikaite solubilities. At 
pH = 13.4, regardless of the ratio of Ca/DIC, the precipitates are ikaite; at pH = 9.0, 
the precipitates are vaterite regardless of the ratio of Ca/DIC. 
We noticed that τp,v is longer at low pH than at high pH at the same Ca/DIC ratio 
(Fig. 3.4b). Especially at Ca/DIC ratio of 1:10, τp,v is up to 81 min. Such a long 
potential precipitation time might favor the precipitation of the more stable anhydrous 
form of calcium carbonate, namely, vaterite, which could be an explanation for the 
precipitation of vaterite at low pH. 
Nevertheless, the potential precipitation time effect can be excluded based on 
another experiment. The evolution of the log (IAP) of Ca2+ and CO32- with time as 
well as vaterite potential precipitation time carried out at pH = 13.4 and different 
pumping rates is shown in Fig. 3.5a and 3.5b. τp,v varies from 14 to 100 min, which 
covers the potential precipitation time apparently sufficient for vaterite formation 
(Fig. 3.4b). If the long potential precipitation time is the reason for vaterite 
precipitation, the precipitates at high pH at low pumping rates should be vaterite as 
well. In fact, no vaterite was observed even at τp,v = 100 min. At these pumping rates, 
ikaite was the only calcium carbonate polymorph precipitated. This evidence excludes 
the kinetic effect of potential precipitation time for different precipitates. 
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Fig. 3.4 Evolution of the log (IAP) of calcium and carbonate with pumping time until 
the onset of precipitation (a) and potential precipitation time for vaterite τp,v (b) at 
varied pH and Ca/DIC ratios in the absence of PO4. The precipitates are ikaite at 
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Fig. 3.5 Evolution of the log (IAP) of calcium and carbonate with pumping time until 
the onset of precipitation (a) and potential precipitation time for vaterite τp,v (b) at 
varied pumping rate under the condition of pH = 13.4, Ca/DIC=1:1 and in the absence 
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3.4.4 Effect of pH and Ca/CO3 ratio 
Since the effect of solution saturation degree and potential precipitation time are not 
the reason for the precipitation of different calcium carbonate polymorphs in the 
absence of PO4, there are only two variables left: pH and the ratio of Ca/CO3. 
At the same pH but different ratio of Ca/CO3, the precipitates are the same; at the 
same ratio of Ca/CO3 but different pH, the precipitates are different (Table 3.2). This 
result indicates that the change in pH determines which polymorph is precipitated 
(ikaite or vaterite) rather than the Ca/CO3 ratio. 
Table 3.2 Ratio of Ca/CO3 and precipitates at varied pH and Ca/DIC ratios in the 
absence of PO4.  
pH 13.4 9.0 
Ca/DIC 1:1 10:1 1:1 1:10 
Ca/CO3 1:1 10:1 10:1 1:1 
Precipitate ikaite ikaite vaterite vaterite 
 
3.4.5 Calcium carbonate polymorphs precipitated in the presence of PO4 
At pH = 9.0, different precipitates are observed with or without PO4 at different 
ratios of Ca/DIC. The onset time is nearly identical (Table 3.3) at the same Ca/DIC 
ratio indicating that the degree of solution saturation and τp,v are the same regardless of 
PO4. So the different precipitates are only caused by the presence or absence of PO4. 
This indicates that the addition of PO4 triggers the formation of ikaite over vaterite. 
Table	   3.3	   Onset	   time	   and	   precipitates	   at	   varied	   pH,	   Ca/DIC	   ratios	   and	   PO4	  concentrations. 
pH 9.0 
Ca/DIC 1:1 1:10 
PO4 (µmol L-1) 0 10 0 10 
Onset time (min) 46±2 49±4 102±6 101±4 
Precipitate vaterite ikaite vaterite ikaite 
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3.4.6 Mechanisms of the ikaite/vaterite polymorph switch 
From the discussion above, it is clear that pH and PO4 can act as a switch between 
ikaite and vaterite polymorphs. In the following sub-sections, we look into the 
mechanisms of pH and PO4 in controlling the calcium carbonate polymorphs. 
3.4.6.1 Mechanism of pH effect 
The effect of pH on calcium carbonate polymorphism might be related to the 
HCO3−/CO32− distribution in solution. At pH = 13.4, nearly all the dissolved inorganic 
carbon is in the form of CO32−, while at pH = 9.0, HCO3− becomes the dominant 
species with a ratio of HCO3−/CO32− around 10:1. Now the question is how the change 
in HCO3−/CO32− distribution affects the polymorphism of calcium carbonate. 
It has long been reported that in calcium carbonate solutions, ion pairs of CaCO30 
and CaHCO3+ exist (Greenwald, 1941; Plummer and Busenberg, 1982). According to 
the calculation results form Visual-Minteq (Gustafsson, 2011), at high pH, CaCO30 is 
the dominant ion pair in solution while at pH = 9.0, CaHCO3+ becomes a significant 
ion pair with an activity ratio {CaHCO3+}/{CaCO30} = 0.2 (Fig. 3.6). 
 
Fig. 3.6 Logarithm of the activity ratio of CaHCO3+/ CaCO30 as a function of pH at 
0oC (Visual-Minteq). 
Recent studies revealed that the nucleation of calcium carbonate occurs via stable 
prenucleation clusters and these calcium carbonate clusters display different structures 
related to different forms of ACC, which further transform into the particular 
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study (Demichelis et al., 2011), these stable prenucleation clusters might be liquid-like 
ionic polymers with units of CaCO30 and CaHCO3+, whose structures vary with pH. It 
was concluded that at low pH, the chain length is limited by competition between 
CO32- and HCO3-. The formation of smaller prenucleation clusters at low pH due to the 
presence of “cluster-terminating” HCO3- may, in the present case, drive the 
ikaite/vaterite polymorph switch; while at high pH, the effect of HCO3- becomes 
unimportant due to the dramatic decrease in HCO3- concentration. Our experimental 
results seem to support the mechanism proposed by Demichelis et al. (2011). 
3.4.6.2 Mechanism of PO4 effect 
According to a study by Gebauer et al. (2009), the presence of PO4 can bind 
calcium ions as well as prenucleation clusters. It was postulated that PO4 might 
preferentially adsorb onto clusters with certain structures, which would lead to a 
change in the local structure of nucleated particles, simplifying the nucleation for 
particular polymorphs (Gebauer et al., 2009). At the atomic level, where based on first 
principles molecular dynamics simulations (Di Tommaso and de Leeuw, 2010), it has 
been suggested that the hydration structure and water dynamics of the first and second 
hydration shell of calcium can even be influenced by simple anions such as ions of 
halogen elements. It is plausible to speculate that the presence of PO4 will play a 
similar or even more effective role in calcium carbonate crystallization processes. If 
the presence of PO4 in solution results in a decreasing dynamics of the solvation shell 
of Ca2+, dehydration of Ca2+ will become slower, which might favor the formation of 
hydrated calcium carbonate polymorph (Bischoff et al., 1993a), thereby driving 
CaCO3 precipitation towards the hydrated polymorph, in our case, ikaite at pH = 9.0. 
3.5 Conclusions 
At near-freezing temperature, precipitation of metastable forms of calcium 
carbonate in solution is favored (ikaite or vaterite). The pH as well as PO4 can act as a 
switch between ikaite and vaterite polymorphs. The effect of pH on different 
polymorphs of calcium carbonate is related to the distribution of HCO3−/CO32−, which 
might affect the structure of prenucleation clusters. The presence of PO4 may alter the 
hydration shell of calcium and thus further affect the nucleation processes.	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Abstract  
 Ikaite (CaCO3·6H2O) has only recently been discovered in sea ice, in a study that 
also provided first direct evidence of CaCO3 precipitation in sea ice. However, little is 
as yet known about the impact of physico-chemical processes on ikaite precipitation 
in sea ice. Our study focused on how the changes in pH, salinity, temperature and 
phosphate (PO4) concentration affect the precipitation of ikaite. Experiments were set 
up at pH from 8.5 to 10.0, salinities from 0 to 105 (in both artificial seawater (ASW) 
and NaCl medium), temperatures from 0 to -4°C and PO4 concentrations from 0 to 
50 µmol kg-1. The results show that in ASW, calcium carbonate was precipitated as 
ikaite under all conditions. In the NaCl medium, the precipitates were ikaite in the 
presence of PO4 and vaterite in the absence of PO4. The onset time (τ) at which ikaite 
precipitation started, decreased nonlinearly with increasing pH. In ASW, τ increased 
with salinity. In the NaCl medium, τ first increased with salinity up to salinity 70 and 
subsequently decreased with a further increase in salinity; it was longer in ASW than 
in the NaCl medium under the same salinity. τ did not vary with temperature or PO4 
concentration. These results indicate that ikaite is very probably the only phase of 
calcium carbonate formed in sea ice. PO4 is not, as previously postulated, crucial for 
ikaite formation in sea ice. The change in pH and salinity is the controlling factor for 
ikaite precipitation in sea ice. Within the ranges investigated in this study, 
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4.1 Introduction 
Ikaite (CaCO3·6H2O) is a metastable phase of calcium carbonate, which normally 
forms in a cold environment and/or under high pressure (Marland, 1975). It is usually 
found in environments characterized by low temperatures (below 4°C), high pH, high 
alkalinity, elevated concentrations of phosphate (PO4) and organic matter (Buchardt et 
al., 1997; Rickaby et al., 2006). Although synthetic CaCO3·6H2O had already been 
known from laboratory studies in the nineteenth century (Pelouze, 1865), it was first 
found in nature at the bottom of the Ika Fjord in Greenland (Pauly, 1963) and later in 
deep-sea sediments (Suess et al., 1982). Recently, Dieckmann et al. (2008, 2010) 
discovered this mineral in sea ice, which at the same time, was the first direct 
evidence of CaCO3 precipitation in natural sea ice. The occurrence of CaCO3 is 
considered to play a significant role in the CO2 flux of the sea ice system (Geilfus et 
al., 2012; Rysgaard et al., 2007). 
At present it is not clear whether ikaite is the only calcium carbonate phase 
formed in sea ice (Dieckmann et al., 2010; Rysgaard et al., 2012). Calcium carbonate 
exists in six phases, namely, amorphous calcium carbonate (ACC), calcium carbonate 
monohydrate (MCC), calcium carbonate hexahydrate (ikaite) and three anhydrous 
phases: vaterite, aragonite and calcite. Ikaite is more soluble compared to the three 
anhydrous phases under normal atmospheric pressure (Bischoff et al., 1993a). The 
precipitation of ikaite occurs only when the ion activity product (IAP) of Ca2+ and 
CO32- in the solution exceeds the solubility product of ikaite (Ksp, ikaite). The activities 
of Ca2+ and CO32- can be derived from their concentrations and activity coefficients. 
The values of the activity coefficient depend on solution ionic strength and 
temperature. In seawater at salinity 35 and temperature 25oC, for example, the activity 
coefficients γCa2+ = 0.203 and γCO32- = 0.039 (Millero and Pierrot, 1998) are much 
smaller than 1. In normal seawater at a temperature above 0°C, seawater is 
undersaturated with respect to ikaite (Bischoff et al., 1993a). The precipitation of 
ikaite from seawater requires a higher concentration of Ca2+ and/or CO32-, such as can 
be achieved in sea ice brine. Given the consideration that brine salinity can easily be 
over 200 at a corresponding temperature as low as -40oC (Eicken, 2003), this extreme 
environment would greatly affect the chemical environment in brine with regard to 
calcium concentrations and dissolved inorganic carbon (DIC). Depending on the 
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physico-chemical environments as well as biological effect (respiration and 
photosynthesis), brine pH can vary from less than 8 to up to 10 (Gleitz et al., 1995; 
Papadimitriou et al., 2007). Due to the inhibiting role of PO4 in the formation of 
anhydrous calcium carbonate polymorphs (Burton and Walter, 1990; Reddy, 1977), it 
is assumed that elevated PO4 concentrations play a crucial role in ikaite formation 
(Buchardt et al., 1997; Dieckmann et al., 2010). However, this has never been tested 
under conditions representative for natural sea ice. 
Despite of the apparent significance of calcium carbonate precipitation in sea ice, 
little is as yet known about the impact of physico-chemical processes on ikaite 
precipitation in sea ice. Papadimitriou et al. (2013) studied the solubility of ikaite in 
seawater-derived brines. In their study, the Ksp, ikaite was measured in temperature-
salinity coupled conditions, and based on simple modeling it was concluded that the 
precipitation of ikaite in sea ice possibly only occurs when brine pCO2 is reduced. 
However, as the conditions leading to calcium carbonate precipitation in brine are 
normally coupled, a variation in sea ice temperature will change the brine salinity and 
also the chemical environment. It has therefore not been possible to 
distinguish/identify the dominant process that controls calcium carbonate 
precipitation under conditions representative for natural sea ice. In this study, we 
uncoupled the conditions in sea ice brine and each condition (pH, salinity, 
temperature and PO4 concentration) was studied independently in the laboratory, in 
order to investigate whether ikaite was the only phase of calcium carbonate formed in 
sea ice and to qualify the effect of pH, salinity, temperature and PO4 concentration on 
the precipitation of ikaite. 
4.2 Methods 
4.2.1 Preparation of stock solutions 
 Artificial seawater (ASW) of different salinities was prepared according to 
Millero (2006) with slight modifications. Ca2+ and HCO3- were not initially added in 
the ASW; the amount of NaHCO3 and CaCl2 was compensated for by adding NaCl. 
The amount of salt needed at salinity 70 and 105 was two and three times of that at 
salinity 35 (Table 4.1). Ten kilograms ASW of salinity 70 was prepared as a stock 
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solution. In addition, 1 kg ASW of salinity 35 as well as salinity 105 was prepared 
separately. The salinity of the ASW stock solutions was checked with a conductivity 
meter (WTW cond 330i). Subsamples of 10 mL stock solution of salinity 70 and 105 
were diluted to salinity 35 before beginning with measurements; the differences 
between the theoretical and measured values were within ±0.2. Stock solutions of 
CaCl2 and NaHCO3 at concentrations of 2.5 mol kg-1(soln) and 0.5 mol kg-1(soln) 
were prepared by dissolving 183.775 g CaCl2·2H2O and 21.002 g NaHCO3 into 500 g 
solutions using de-ionized water and subsequently stored in gas-tight Tedlar bags 
(SKC). All chemicals were obtained from Merck (EMSURE® ACS, ISO, Reag, Ph 
Eur) except SrCl2 and H3BO3, which were from Carl Roth (p.a., ACS, ISO). 
Table 4.1 The compounds of ASW at different salinities. 
 Amount of salt (g) needed in 1000g solution 
Salt S=35 S=70 S=105 
NaCl 25.122 50.245 75.368 
MgCl2·6H2O 10.738 21.477 32.215 
Na2SO4 4.010 8.020 12.030 
KCl 0.699 1.398 2.097 
SrCl2·6H2O 0.024 0.048 0.072 
KBr 0.100 0.200 0.300 
H3BO3 0.025 0.051 0.076 
NaHCO3 - - - 
CaCl2·2H2O - - - 
4.2.2 Experimental setup 
 Four parameters were studied: pH (8.5 to 10.0), salinities (0 to 105) both in ASW 
and the NaCl medium, temperatures (0 to -4oC), and PO4 concentrations (0 to 
50 µmol kg-1). The standard values were pH 9.0, salinity 70, temperature 0oC, PO4 
concentration 10 µmol kg-1 and only one of these quantities was varied at a time. 
Experiments were also carried out in the NaCl medium at salinities from 0 to 105 in 
the absence of PO4 at pH 9 and temperature 0oC. 
 In order to simulate the concentration processes of Ca2+ and DIC during sea ice 
formation, stock solutions of CaCl2 and NaHCO3 (Ca2+:DIC = 5:1, which is the 
typical concentration ratio in seawater) were pumped from the Tedlar bags into a 
Teflon reactor vessel with 250 g working solution using a high precision peristaltic 
pump (IPC-N, Ismatec) at a constant pumping rate of 20 µL min-1 (Fig. 4.1). The 
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solution was stirred at 400 rpm and the temperature was controlled by water-bath 
using double walled water jackets. pH electrodes (Metrohm 6.0253.100) were 
calibrated using NBS buffers 7.000 ± 0.010 and 10.012 ± 0.010 (Radiometer 
analytical, IUPAC standard). The pH of the solution was kept constant by adding 
0.5 mol L-1 NaOH which was controlled by a titration system (TA20 plus, SI 
Analytics). pH and the volume of NaOH added to the solution were recorded every 
10 s. Depending on the experimental conditions, the maximum input of CaCl2, 
NaHCO3 and NaOH into the working solution during the experiments is within a few 
mL, which did not have a significant effect on solution salinity. Duplicates for each 
experimental condition were run in parallel.  
	  
Fig. 4.1 Experimental setup for calcium carbonate precipitation under varied 
experimental conditions. 
4.2.3 Onset time determination 
 We use the timespan between the start of the titration and the onset of ikaite 
precipitation, called “onset time (τ)”, for the analysis of different experiments. This 
onset time includes the time for the solution to reach saturation (Ω = 1) with respect to 
ikaite and the time between reaching the Ω = 1 level and the onset of precipitation 
(usually at a much higher Ω value). Therefore, τ should be controlled by both 
thermodynamic and kinetic effects. 
 While ikaite is precipitated from the solution, CO2 is released, which leads to a 
decrease in solution pH. This rapid change in pH could have been used to ascertain 
the onset of precipitation. However, during the experiment, pH in the solution was 
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into the reactor vessel was used to determine τ as indicated in Fig. 4.2. In order to 
obtain a higher accuracy, τ was determined from the deviation of NaOH volume 
change (∆V) relative to the time interval (∆t = 2 min). The point where the slope 
∆V/∆t started to increase was considered as the onset of ikaite precipitation.  
           
Fig. 4.2 An illustration of a typical NaOH titration profile obtained at pH 9, salinity 
(ASW) 70, temperature 0oC and phosphate concentration 10 µmol kg-1.	  
4.2.4 Crystal identification  
Immediately after the crystals were precipitated, indicated by the change in the 
volume of NaOH addition (section 2.3), around 2 mL of the well-stirred solution was 
sampled together with the crystals by means of a pipette and quickly transferred to a 
glass petri dish. The morphology of the crystals was characterized using a microscope 
(Zeiss, Axiovert 200M) with an objective of 63x magnification. The phase 
identification of the crystals was done by means of Raman microscopy. This method 
can be used to reliably distinguish between the various polymorphs of calcium 
carbonate (Nehrke et al., 2012; Tlili et al., 2001). The confocal Raman microscope 
(WITec®, Ulm, Germany) was equipped with a diode laser (532 nm) and an 
Olympus® 20x Teflon coated water submersible objective. During the Raman 
measurements, crystals were maintained in the original solution and placed in a glass 
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4.2.5 Evolution of the ion activity product of calcium and carbonate 
 The evolution of the IAP of Ca2+ and CO32- in the solution under different 
experimental conditions was calculated by using the chemical equilibrium model 
Visual-Minteq 3.0 (Gustafsson, 2011) modified by the implementation of Ksp, ikaite 
according to Bischoff et al. (1993a). The solubility constant of ikaite (Ksp, ikaite) was 
derived from log Ksp, ikaite = 0.15981 – 2011.1/T, where T = oK (Bischoff et al., 1993a). 
Since most equilibrium constants (including Ksp, ikaite) at high salinities and low 
temperatures are not well known, extrapolations of functional relationships had to be 
used. The input parameters for each run were the same as used in the experiments, 
and the model was run in the function of “titration”, simulating the experimental 
pumping of CaCl2 and NaHCO3 into the working solution. As in most models, the 
calculation of ionic activities is not very accurate at high salinities, especially the 
calculation of CO32- activity, the evolution trends under different experimental 
conditions therefore will be discussed in this study instead of referring to the absolute 
values. 
4.2.6 CO2 system calculation 
The fraction of CO32- in DIC (CO32- fraction, for short) under all the experimental 
conditions was calculated from pH and DIC by using CO2SYS (Pierrot et al., 2006). 
The results of CO2SYS are not reliable for the calculation of the CO2 system at high 
salinities because the functional expressions for the equilibrium constants are based 
on measurements over a limited range of salinities and temperatures. Here, we chose 
two sets of carbonate equilibrium constants, one from Mehrbach et al. (1973) as 
refitted by Dickson and Millero (1987) (referred to as constants_a), and the other one 
from Millero (2010) (referred to as constants_b), to evaluate the sensitivity of the 
calculated CO32- fraction to uncertainties in the magnitude of the equilibrium 
constants. The remaining parameters were the same: KHSO4- was from Dickson (1990); 
[B]T value was from Uppström (1974) and the pHNBS scale was applied. The input 
parameters for the CO2 system calculation were consistent with the experimental 
conditions except that the DIC was fixed at 2000 µmol kg-1 for each run, since the 
change in DIC concentration does not affect the CO32- fraction calculation. 
 
	   43 
4.3 Results 
4.3.1 Effect of experimental conditions on the calcium carbonate 
polymorph precipitated 
 According to the vibration ν1 and ν4 of CO32-, two types of Raman spectra were 
distinguished in this study. After a comparison with the available references (Behrens 
et al., 1995; Tlili et al., 2001), ikaite was identified by the vibrational modes ν1 
(1071 cm-1) and ν4 (718 cm-1), and vaterite was identified by the two doublets of the 
vibration modes ν1 (1075 cm-1, 1090 cm-1) and ν4 (742 cm-1, 752 cm-1).  
 In ASW, according to the Raman measurements (Fig. 4.3a), ikaite is the only 
calcium carbonate polymorph precipitated at pH ranging from 8.5 to 10.0, salinities 
from 0 to 105, temperatures from 0 to -4oC and PO4 concentrations from 0 to 
50 µmol kg-1. The morphology of ikaite crystals precipitated from ASW is similar 
under all the conditions, with an average crystal size of approximately 20 µm 
(Fig. 4.3b). The morphology resembles that of natural ikaite crystals found in sea ice 
(Rysgaard et al., 2013), however, crystals in our study are generally smaller.  
In the NaCl medium, and the presence of 10 µmol kg-1 PO4, according to the 
Raman measurements (Fig. 4.3c), ikaite is the only precipitate in the salinity range 
from 0 to 105. The crystal size is similar to the one observed for the crystals 
precipitated from ASW. However, the morphology of ikaite crystals differs 
(Fig. 4.3d). In the absence of PO4 and the same salinity range, vaterite (see Raman 
spectrum given in Fig. 4.3e) is the dominant calcium carbonate polymorph 
precipitated and only few ikaite crystals were observed. The small spherical crystals 
shown in Fig. 4.3f are vaterite with an average size of ~2 µm (within the same size 
range as described by Nehrke and Van Cappellen (2006)) whereas the large crystal in 
the middle of Fig. 4.3f is ikaite. 






Fig. 4.3 Ikaite Raman spectrum (a) and morphology (b) obtained at the experimental 
condition pH 9.0, salinity (ASW) 70, temperature 0oC, phosphate concentration 
0 µmol kg-1, and representative for all precipitates in the ASW medium. Ikaite Raman 
spectrum (c) and morphology (d) obtained at the experimental condition pH 9.0, 
salinity (NaCl medium) 70, temperature 0oC, phosphate concentration 10 µmol kg-1, 
and representative for all precipitates in the NaCl medium in the presence of PO4. 
Vaterite Raman spectrum (e) and morphology (f) obtained at the experimental 
condition pH 9.0, salinity (NaCl medium) 105, temperature 0oC, phosphate 
concentration 0 µmol kg-1, and representative for all precipitates in the NaCl medium 
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4.3.2 Onset time of ikaite under different experimental conditions 
Onset time (τ) under different pH, salinities (both in ASW and NaCl medium), 
temperatures and PO4 concentrations is illustrated in Fig. 4.4(a−d) and Table 4.2. At 
pH from 8.5 to 10.0, τ decreases nonlinearly with increasing pH; it decreases steeply 
at low pH and then slows down at high pH. At salinities from 0 to 105, in ASW, τ 
increases with salinity; in the NaCl medium, τ first increases with salinity and above 
salinity 70, it decreases slightly. τ is longer in ASW than in the NaCl medium under 
the same salinity conditions. There is no significant difference in τ in the temperature 
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Table 4.2 Pumping time until solution reaching ikaite solubility (ts), onset time (τ) and 
the common logarithmic ion activity product of calcium and carbonate (log (IAP)) 
and solution supersaturation (Ω = IAP/Ksp, ikaite) at the onset of ikaite precipitation 
under different pH, salinity (ASW and NaCl medium), temperature and phosphate 
concentration conditions. The standard deviation of τ and log (IAP) is derived from 
duplicate experiments.  
 
	  	    









at S (ASW) 70, 
T 0oC, PO4 10 µM 
8.5 112 193 ± 5.3 -6.73 ± 0.025 3.02 
9.0 72 134 ± 1.8 -6.67 ± 0.011 3.47 
9.5 54 118 ± 0.7 -6.53 ± 0.005 4.68 
10.0 46 109 ± 2.6 -6.48 ± 0.020 5.37 
S (AWI) effect: 
at pH 9.0, T 0oC, 
PO4 10 µM 
0 28 67 ± 2.2 -6.59 ± 0.021 4.17 
35 62 116 ± 6.1 -6.68 ± 0.051 3.47 
70 72 134 ± 1.8 -6.67 ± 0.011 3.47 
105 78 157 ± 0.6 -6.61 ± 0.003 3.98 
S (NaCl) effect: 
at pH 9.0, T 0oC, 
PO4 10 µM 
0 28 67 ± 2.2 -6.59 ± 0.021 4.17 
35 58 103 ± 6.5 -6.72 ± 0.049 3.09 
70 65 112 ± 1.8 -6.74 ± 0.014 2.95 
105 70 106 ± 2.4 -6.84 ± 0.019 2.29 
T effect: 
at pH 9.0, S 
(ASW) 70, PO4 10 
µM 
0oC 72 134 ± 1.8 -6.67 ± 0.011 3.47 
-2oC 69 128 ± 3.7 -6.73 ± 0.023 3.39 
-4oC 66 130 ± 2.7 -6.74 ± 0.017 3.72 
-10oC 60 NA NA NA 
PO4 effect: 
at pH 9.0, S 
(ASW) 70, T 0oC 
0 µM 72 131 ± 6.0 -6.69 ± 0.037 3.31 
5 µM 72 127 ± 3.9 -6.71 ± 0.024 3.16 
10 µM 72 134 ± 1.8 -6.67 ± 0.011 3.47 
50 µM 72 136 ± 3.4 -6.66 ± 0.022 3.55 
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4.3.3 Evolution of the ion activity product of Ca2+ and CO32- 
 The evolution of the common logarithmic ion activity product of Ca2+ and CO32- 
(log (IAP)) until the onset of ikaite precipitation and the solution supersaturation at 
the onset of ikaite precipitation (Ω = IAP/Ksp, ikaite) under different pH, salinities (both 
in ASW and NaCl medium), temperatures and PO4 concentrations are illustrated in 
Fig. 4.5(a~e) and Table 4.2. At pH from 8.5 to 10.0, the rates of log (IAP) evolution 
are much faster at higher pH but the evolution curves are getting closer with the 
increase in pH. Ω increases with increasing pH. At salinity from 0 to 105, log (IAP) 
evolution shows a similar pattern in ASW and NaCl medium: that is at salinity 0, the 
evolution is much faster than those at salinities equal or larger than 35. And the 
evolution curves are getting closer with the increase in salinity. The rates in log (IAP) 
evolution are slower in ASW than those in the NaCl medium under the same salinity 
conditions. For example, at salinity 70, the time to reach ikaite solubility (ts) is 72 min 
in ASW while it is 65 min in the NaCl medium (Table 4.2). Ω is similar in ASW in 
this studied salinity range; while it decreases with increasing salinity in the NaCl 
medium. At temperatures from 0 to -4oC, the curves of log (IAP) evolution overlap as 
do the curves of log (IAP) evolution at PO4 concentrations from 0 to 50 µmol kg-1. 
There is no significant difference in Ω in this temperature and PO4 concentration 
range. 
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Fig. 4.5 Evolution of log (IAP) at different pH (a), salinities in ASW (b), salinities in 
the NaCl medium (c), temperatures (d) and phosphate concentrations (e). 
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4.4 Discussion 
4.4.1 Ikaite crystal size 
 The smaller size of ikaite crystals in our experiments compared to those found in 
natural sea ice might be due to the much faster precipitation rate under laboratory 
conditions, which favors calcium carbonate nucleation over further growth of crystals 
(Vekilov, 2010). In sea ice, the precipitation of ikaite probably goes through a much 
slower process, allowing the crystals to grow larger. However, the size of natural 
ikaite in sea ice could also be limited by the dimensions of the brine pockets or brine 
channels (Dieckmann et al., 2008). 
4.4.2 Effect of PO4 on the polymorph of calcium carbonate precipitated 
The different precipitates in the NaCl medium with and without PO4 indicate that 
the presence of PO4 is important for ikaite formation in the NaCl medium. This result 
is consistent with other studies stating that ikaite is usually found in an elevated PO4 
environment (Buchardt et al., 1997; Council and Bennett, 1993). 
The different precipitates in ASW and the NaCl medium in the absence of PO4 
indicate that PO4 is not crucial for ikaite formation in ASW. It has been reported 
(Bischoff et al., 1993a; Fernández-Díaz et al., 2010) that Mg2+ and SO42- ions in 
seawater could also inhibit the formation of more stable phases of calcium carbonate, 
and thus could favor ikaite formation. This might explain why ikaite was also found 
in sea ice even at very low PO4 concentrations (Dieckmann et al., 2010). 
4.4.3 Effect of experimental conditions on ikaite precipitation 
 According to the evolution curves of log (IAP) under all the experimental 
conditions, we can conclude that τ is mainly controlled by the rates of log (IAP) 
evolution and also greatly affected by the kinetic effect, such as inhibitor ions. In the 
following sub-sections, the effect of experimental conditions on ikaite precipitation 
will focus on the factors controlling the rates of log (IAP) evolution as well as the 
kinetic effect. 
 




Fig. 4.6 CO32- fraction relative to pH (a), salinity (b), temperature (c) and phosphate 
concentration (d) based on two sets of constants (constants_a, in blue triangle; 
constants_b, in red square). 
4.4.3.1 pH effect 
In ASW at a constant salinity of 70 and temperature of 0oC, the activity 
coefficients of both Ca2+ and CO32- do not change. Therefore, we only need to focus 
on the change in CO32- concentration with variations of pH. According to the 
calculation results from CO2SYS, under the same conditions, the results obtained by 
using constants_a and constants_b show a similar trend (Fig. 4.6a). The increase in 
pH can greatly increase the CO32- fraction in this studied pH range, resulting in a 
much faster approach to ikaite solubility (Fig. 4.5a). However, the decrease in τ with 
pH is not linear, which is much faster at low pH than at high pH. This is because the 
CO32- fraction cannot increase infinitely; the increase in the CO32- fraction will slow 
down at high pH and the CO32- fraction will approach 1. We can speculate that above 
a certain pH (depending on the salinity and temperature conditions, since the CO32- 
fraction is also affected by them, as is discussed in section 4.3.2 and 4.3.3), the 
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effect on ikaite precipitation. We notice that Ω in this studied pH range increases from 
3.02 to 5.37 with increasing pH (Table 4.2). This indicates that if the evolution of 
log (IAP) is slow, ikaite could be precipitated at a much lower supersaturation level. 
This is also confirmed by a second study, which shows that at different pumping rates 
of Ca2+ and DIC, Ω is low at slow pumping rates (Hu et al, submitted).  
4.4.3.2 Salinity effect  
The different trends in τ in ASW and the NaCl medium indicate that the effect of 
salinity on ikaite precipitation is not straightforward. First, according to the 
calculation results from CO2SYS, although there is large uncertainty in predicting the 
exact CO32- fraction change with salinity at high salinities, both the results obtained 
from two sets of constants show a similar trend (Fig. 4.6b): the CO32- fraction 
increases with salinity (referred to as a positive effect). However, the increase in 
salinity implies an increase in ionic strength as well and thus a reduction in the 
activities of both Ca2+ and CO32- (referred to as a negative effect). This negative effect 
is much stronger in ASW than in the NaCl medium, since there are ion species like 
SO42- and Mg2+ in ASW, which could strongly form ion pairs with Ca2+ and CO32- 
(Kester and Pytkowicz, 1969; Pytkowicz and Hawley, 1974), and thus further reduce 
the activities of Ca2+ and CO32-. This explains the slower evolution of log (IAP) in 
ASW than in the NaCl medium under the same salinity conditions.  
In ASW or NaCl medium, the rates in log (IAP) evolution are slower at higher 
salinities but the evolution curves of log (IAP) from salinity 35 to 105 are getting 
closer (Fig. 4.5b & 4.5c), indicating that the negative effect slightly overweighs the 
positive one, but that the differences between them become smaller with increasing 
salinity. However, τ decreases slightly above salinity 70 in NaCl medium. According 
to a study of calcite crystallization by Bischof (1968), the calcite nucleation rate was 
found to be proportional to the square root of solution ionic strength. Thus, we 
speculate that the increase in salinity (ionic strength) might also accelerate ikaite 
nucleation rate, which explains the decrease in Ω with increasing salinity in the NaCl 
medium. Nevertheless, the large increase in τ in ASW in the same salinity range 
requires another explanation. It was shown by other studies (Reddy and Wang, 1980; 
Zhang and Dawe, 2000) that Mg2+ can strongly retard calcium carbonate 
precipitation. Therefore, we might speculate that the longer τ at higher salinities in 
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ASW is due to the presence of Mg2+; the inhibiting effect becomes stronger with 
increasing Mg2+ concentration and this effect overweighs the ionic strength catalysis 
in ASW. 
4.4.3.3 Temperature effect 
The similar τ at temperatures from 0 to -4oC indicates that the change in 
temperature does not have a significant impact on ikaite precipitation in this studied 
temperature range. According to the calculation results from CO2SYS, although the 
absolute values of the change in the CO32- fraction with pH from two sets of constants 
are quite different, the trend is similar (Fig. 4.6c): the decrease in temperature only 
slightly reduces the CO32- fraction, which explains the overlapping of log (IAP) 
evolution curves in Fig. 4.5d. On the other hand, log Ksp, ikaite decreases by 0.11 from 
temperature 0 to -4oC (Fig. 4.5d), indicating that lower temperatures would favor the 
precipitation of ikaite. However, no clear trend of temperature effect on ikaite 
precipitation can be concluded from this narrow studied temperature range. 
Unfortunately, based on the relationship between salinity and temperature in sea 
ice (Feistel, 2008), the freezing temperature of brine is -4.03oC at salinity 70, which 
limited the range of temperature investigated in this study. Nevertheless, According to 
the trend in the time required to reach ikaite solubility (ts) in Table 4.2, we see a 
steady decrease in ts with decreasing temperature as low as -10oC as predicted by the 
model calculations. Thus, from a thermodynamic point of view, we could infer that 
lower temperatures might have slightly positive influence on ikaite precipitation. 
However, we cannot exclude the kinetic effect that might arise from lower 
temperatures and thus the overall effect of temperature on ikaite precipitation at lower 
temperatures (< -4oC) remains unknown. 
4.4.3.4 PO4 effect 
The similar τ at PO4 concentrations from 0 to 50 µmol kg-1 indicates that the 
change in PO4 concentration does not have an impact on ikaite precipitation in this 
studied PO4 concentration range. According to the calculation results from CO2SYS, 
although the CO32- fraction obtained from two different sets of constants largely 
differs, both show a similar trend (Fig. 4.6d): the CO32- fraction is not affected by PO4 
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concentrations. On the other hand, the concentrations of PO4 investigated in this study 
even as high as 50 µmol kg-1 are much lower compared to the bulk solution indicating 
that the change in PO4 concentration has no impact on the solution ionic strength at 
salinity 70. So the change in PO4 concentration barely affects the activities of Ca2+ 
and CO32-. From a thermodynamic point of view, the change in PO4 concentration on 
the solution ionic strength, activities of Ca2+ and CO32- and thus on IAP evolution is 
negligible. This explains the overlapping of log (IAP) curves in this studied PO4 
concentration range. However, besides the thermodynamic effect, kinetics due to the 
inhibiting effect of PO4 is also considered to play an important role in calcium 
carbonate precipitation. It was shown in other studies (Morse et al., 2007; Reddy, 
1977) that PO4 could strongly retard the precipitation of calcite and aragonite in the 
solution. According to our results on Ω (Table 4.2), which shows no difference in the 
studied PO4 concentration range, it appears that PO4 does not have any kinetic effect 
on ikaite precipitation either, which is consistent with the study of Bischoff et al. 
(1993a). 
4.4.4 Application to natural sea ice scenario 
 In natural sea ice, temperature is the driving force for the physico-chemical 
processes in sea ice brine. With the decrease in brine temperature, brine salinity as 
well as the concentrations of Ca2+ and DIC increases correspondingly. However, the 
change in temperature might not have a significant direct impact on ikaite 
precipitation. Ikaite precipitation in natural sea ice is mainly controlled by the brine 
concentration rate, pH and salinity (ionic strength and the concentration of inhibitor 
ions). 
 Ikaite precipitation in natural sea ice is mainly found in the upper layer, and the 
concentration of ikaite decreases with sea ice depth (Dieckmann et al., 2008; Fischer 
et al., 2013). This might be due to the high concentrations of Ca2+ and DIC resulting 
from high concentration rates of brine solutions in the upper layer of the cold sea ice, 
even though low pH and high salinities in this layer are not the favored conditions.  
 Recently, high concentrations of ikaite were found in the both top and bottom of 
sea ice with a minimum in the middle section of sea ice (Geilfus et al., 2013). The 
reason for the high ikaite concentrations on the top of sea ice should be the same as in 
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the first case; the increase in ikaite concentration in the bottom of sea ice is probably 
caused by the increase in pH due to the photosynthetic activity. Brine pH has been 
reported to be as high as 10 in sea ice (Gleitz et al., 1995). As a result, although the 
brine concentration in the bottom of sea ice is low due to the warm sea ice, the 
dramatic increase in brine pH due to the photosynthetic activity would greatly 
increase the CO32- fraction thus enhancing the likelihood of ikaite precipitation in sea 
ice, even though the concentrations of Ca2+ and DIC are low due to relatively warmer 
sea ice. 
 It is important to point out that in our experimental design, the solution pH was 
kept constant during the course of experiment. However, in natural sea ice, the 
precipitation of ikaite will lead to a decrease in pH, resulting in a decrease in solution 
supersaturation. As a consequence, the equilibrium between the solid phase and liquid 
phase could be established in a short time and thus the precipitation will cease until 
the equilibrium is broken again by further concentration of brine solution and/or pH 
change. 
4.5 Conclusions 
The effect of physico-chemical processes in sea ice on calcium carbonate 
precipitation was investigated. Ikaite (CaCO3·6H2O) is the only polymorph of 
calcium carbonate precipitated under all studied experimental conditions in artificial 
seawater (ASW), suggesting that ikaite is very likely the only polymorph of calcium 
carbonate formed in natural sea ice as well. PO4 is crucial for ikaite formation in the 
NaCl medium. However, it is not important for ikaite formation under ASW 
conditions. pH is the controlling factor in ikaite precipitation due to its strong impact 
on CO32- concentrations. Ionic strength has two opposite thermodynamic effects on 
ikaite precipitation, as the change in solution ionic strength affects the CO32- 
concentrations and the activities of Ca2+ and CO32- in opposite directions. The 
increase in ionic strength could also kinetically accelerate the ikaite nucleation rate. In 
ASW, the presence of inhibitor ions could strongly retard ikaite precipitation. The 
large variations in PO4 concentrations have no impact on ikaite precipitation, 
indicating that ikaite precipitation is neither thermodynamically nor kinetically 
affected by PO4. 





Coprecipitation of phosphate with ikaite in 
artificial sea ice brine 
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Abstract 
 Ikaite (CaCO3·6H2O) has recently been discovered in sea ice, providing first direct 
evidence of CaCO3 precipitation in sea ice. However, the impact of ikaite precipitation 
on phosphate (PO4) concentration has not been considered so far. Experiments were set 
up at pH from 8.5 to 10.0, salinities from 0 to 105, temperatures from −4 to 0°C and 
PO4 concentrations from 5 to 50 µmol kg−1 in artificial sea ice brine so as to 
understand how ikaite precipitation affects the PO4 concentration in sea ice under 
different conditions. Our results show that PO4 is coprecipitated with ikaite under all 
experimental conditions. The amount of PO4 removed by ikaite precipitation increases 
with increasing pH. The change in salinity (S ≥ 35) as well as temperature has little 
impact on PO4 removal by ikaite precipitation. The initial PO4 concentration affects the 
PO4 coprecipitation. These findings may shed some light on the observed variability of 
PO4 concentration in sea ice. 
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5.1 Introduction 
 When sea ice forms, a portion of the seawater is trapped in the sea ice matrix, 
where it becomes concentrated in brine pockets and channels. When the ice 
temperature further decreases, the brine salinity increases accordingly. As a result, the 
chemical compounds as well as the dissolved inorganic nutrients (e.g., total dissolved 
inorganic carbon (CT), dissolved inorganic phosphate (PO4)) in the brine are also 
enriched. 
 During the formation and melting of sea ice, the nutrients in sea ice brine are 
expected to behave conservatively as a function of brine salinity (Gleitz et al., 1995). 
However, it is often found that the salinity-normalized nutrients in sea ice brine are 
depleted compared to those in surface seawater (Dieckmann et al., 1991; Gleitz and 
Thomas, 1993), which is generally explained by the biological activity within sea ice 
(Günther et al., 1999; Papadimitriou et al., 2007). According to the Redfield ratio for 
inorganic nutrient uptake during photosynthesis, the nutrient uptake follows the ratio 
C:N:P = 106:16:1 (Redfield et al., 1963). However, quite often there is not clear 
correlation between the salinity-normalized CT and the rest of the inorganic nutrients in 
sea ice (Papadimitriou et al., 2007). Instead, the depletion of PO4 in sea ice is much 
stronger than that of CT (Gleitz et al., 1995; Papadimitriou et al., 2007), which 
indicates that there might be another mechanism explaining the excess depletion of 
PO4 in sea ice. 
 Ikaite (CaCO3·6H2O) in sea ice was only recently discovered (Dieckmann et al., 
2008; 2010) and for a long time PO4 has been considered to be crucial for ikaite 
formation (Bischoff et al., 1993a; Buchardt et al., 2001; Council and Bennett, 1993; 
Selleck et al., 2007). However, recently it was shown that in seawater-based solution, 
PO4 is not required for the formation of ikaite (Hu et al., 2014). The effect of ikaite 
precipitation on PO4 concentration is studied here because PO4 is an important nutrient 
for the biological community in sea ice and the enrichment or depletion of PO4 in sea 
ice has a major effect on the biological activity in sea ice. 
 The removal of PO4 by calcium carbonate has long been known. PO4 can be 
removed by coprecipitation with calcium carbonate as well as through adsorption to 
suspended calcium carbonate (Kitano et al., 1978). The coprecipitation of PO4 with 
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calcium carbonate has been observed in lakes in many studies (Danen-Louwerse et al., 
1995; House, 1990; Murphy et al., 1983). The study by Murphy et al. (1983) showed 
that the PO4 in the photic zone of a eutrophic lake could be completely removed by 
calcite precipitation. There is also considerable evidence regarding the adsorption of 
PO4 onto calcite, aragonite, vaterite and monohydrocalcite (Millero et al., 2001; 
Sawada et al., 1992; Yagi and Fukushi, 2011). However, to the best of our knowledge 
no studies have dealt with the effect of ikaite precipitation on PO4 removal. 
 In this study, we investigated how the precipitation of ikaite affects the PO4 
concentration under conditions representative for natural sea ice. Experiments were set 
up at pH from 8.5 to 10.0, salinities from 0 to 105, temperatures from −4 to 0°C and 
PO4 concentrations from 5 to 50 µmol kg−1 so as to understand how the change in these 
parameters affected PO4 removal during ikaite precipitation in sea ice. 
5.2 Methods 
5.2.1 Solution preparation 
Artificial seawater (ASW) of different salinities was prepared according to Millero 
(2006) with slight modifications. Ca2+ and HCO3− were not added initially. The amount 
of salt missing from not adding NaHCO3 and CaCl2 was compensated for by adding 
NaCl. Ten kilogram ASW of salinity 70 was prepared as a stock solution. In addition, 
one kilogram ASW of salinity 35 as well as salinity 105 was prepared separately. Stock 
solutions of CaCl2 and NaHCO3 at concentrations of 2.5 mol kg−1 and 0.5 mol kg−1, 
respectively, were prepared by dissolving 183.775 g CaCl2·2H2O and 21.002 g 
NaHCO3 into 500 g solutions using ultrapure water and subsequently stored in gas-
tight Tedlar bags (SKC). All chemicals were obtained from Merck (EMSURE® ACS, 
ISO, Reag, Ph Eur) except SrCl2 and H3BO3, which were from Carl Roth (p.a., ACS, 
ISO). Different concentrations of PO4 were prepared from phosphate stock solution 
(Merck, CertiPUR®) by dilution with ultrapure water. 
5.2.2 Experimental setup 
Four parameters were varied: pH (8.5 to 10.0), salinity (0 to 105), temperature (−4 
to 0°C) and PO4 concentration (5 to 50 µmol kg−1). The standard values were pH = 9.0, 
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S = 70, T = 0°C and [PO4] = 10 µmol kg−1. Only one of these parameters was varied at 
a time. 
Stock solutions of CaCl2 and NaHCO3 (Ca2+:DIC = 5:1, which is the typical 
concentration ratio in seawater) were pumped from the Tedlar bags into a Teflon 
reactor vessel with 250 g working solution using a high precision peristaltic pump 
(IPC-N, Ismatec) at a constant pumping rate of 20 µL min−1. The solution was stirred 
at 400 rpm and the temperature was controlled by water-bath using double walled 
water jackets. pH electrodes (Metrohm 6.0253.100) were calibrated using NBS buffers 
at pH 7.000 ± 0.010 and 10.012 ± 0.010 (Radiometer analytical, IUPAC standard). The 
pH of the solution was kept constant by adding NaOH (0.5 mol L−1), which was 
controlled by a titration system (TA20 plus, SI Analytics). The value of pH and the 
volume of NaOH added to the solution were recorded every 10 s. Depending on the 
experimental conditions, the input of CaCl2, NaHCO3 and NaOH into the working 
solution during the experiments is in the range of a few mL, which did not have a 
significant effect on solution volume. Duplicates for each experimental condition were 
run in parallel.  
5.2.3 Determining the onset of precipitation 
When calcium carbonate is precipitated from solution, CO2 is released, which leads 
to a large decrease in solution pH. This rapid change in solution pH was compensated 
by the addition of NaOH. Therefore, the onset of precipitation was determined by the 
sudden change of NaOH volume (VNaOH) added into the solution, as marked with a 
circle in Fig. 5.1. 
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Fig. 5.1 A typical NaOH titration profile obtained at pH = 9.0, S = 70, T = 0°C and 
[PO4] = 10 µmol kg−1. The circle indicates the onset of calcium carbonate precipitation 
5.2.4 Crystal identification 
 Immediately after the crystals were precipitated, indicated by a sudden increase in 
the volume of NaOH addition (section 2.3), around 2 mL of the well-stirred solution 
together with the crystals was sampled by means of a pipette and quickly transferred to 
a glass petri dish. The morphology of the crystals was characterized using a 
microscope (Zeiss, Axiovert 200M) with an objective of 63X magnification. The phase 
identification of the crystals was done by means of Raman microscopy. This method 
can be used to reliably distinguish between the various polymorphs of calcium 
carbonate (Nehrke et al., 2012; Tlili et al., 2001). The confocal Raman microscope 
(WITec®, Ulm, Germany) was equipped with a diode laser (532 nm) and an Olympus® 
20X Teflon coated water submersible objective. During the Raman measurements, 
crystals were maintained in the original solution and placed in a glass petri dish, which 
was kept cold using an ice-water bath. 
5.2.5 Determination of solution supersaturation at onset of precipitation 
 The logarithm of the ion activity product of Ca2+ and CO32− (log (IAP)) and the 
solution supersaturation with respect to ikaite (Ω = IAP/Ksp, ikaite) under different 
experimental conditions was calculated by using the chemical equilibrium model 
Visual-Minteq 3.0 (Gustafsson, 2011) which was modified by the implementation of 
the solubility constant of ikaite (Ksp, ikaite) derived from log Ksp, ikaite = 0.15981 – 
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5.2.6 Quantification of ikaite and PO4 
 In order to avoid further precipitation of calcium carbonate after sampling, the 
samples were diluted with 0.01 M HCl. Before precipitation started, at the pumping 
time of 10 min, 1 mL solution was withdrawn and diluted with 0.01 M HCl to a final 
volume of 10 mL (for PO4 analysis). For calcium analysis, 1 mL diluted solution was 
further diluted by a factor of 10. After the onset of ikaite precipitation, around 7 mL 
solutions together with ikaite crystals were sampled every 10 min for 1 h. The samples 
were collected with a syringe and filtered through a 0.45 µm syringe filter (Thermo 
Scientific Nalgene); 5 mL filtrate was collected and diluted with 0.01 M HCl to 10 mL. 
Thereafter, 0.2 mL diluted-solution was further diluted with 0.01 M HCl to a final 
volume of 10 mL. The first and second diluted solutions were used, respectively, for 
PO4 and Ca2+ measurements. 
 Ca2+ concentrations were determined using Inductively-Coupled Plasma Optical 
Emission Spectrometry (IRIS Intrepid Optical Emission Spectrometer Duo HR, 
Thermo Fisher Scientific). PO4 concentrations were measured using a Nutrient 
Autoanalyzer (ALLIANCE). Each sample was measured twice. 
 The amount of ikaite precipitated at each sampling time was determined by the 
moles of Ca2+ pumped into the reaction vessel minus the moles of Ca2+ remaining in 
solution. The change in solution mass and the loss of Ca2+ during sampling were 
considered. The amount of ikaite precipitated at each sampling time was thus 
calculated using the equation below: 
𝐶𝑖𝑘𝑎𝑖𝑡𝑒, 𝑖 = 𝐶0 ∗𝑚0 ∗ 𝑡𝑖𝑡0 − 𝐶𝑖 ∗𝑚𝑖 −    𝑛𝑘!!!!!! ∗𝑀𝑚𝑖  𝐶𝑖𝑘𝑎𝑖𝑡𝑒, 𝑖: ikaite concentration (g kg−1) in solution at the ith sampling, i = 1 to 5 𝐶0: Ca2+ concentration (mol kg−1) measured at pumping time 10 min 𝑚0: mass (g) of solution at pumping time 10 min 𝑡0: pumping time (=10 min) 𝑡𝑖: pumping time at the ith sampling 𝐶𝑖: Ca2+ concentration (mol kg−1) measured at the ith sampling time after precipitation 𝑚𝑖: mass (g) of solution at the ith sampling 
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𝑛𝑘!!!!!! : total moles of Ca2+ removed from solution due to samplings 𝑀: ikaite molecular weight (= 208 g mol−1) 
5.3 Results 
5.3.1 The precipitate under different experimental conditions 
 According to the typical vibration modes seen in the Raman spectra ν1 (1071 cm−1) 
and ν4 (718 cm−1) (Fig. 5.2 a), ikaite was the only calcium carbonate polymorph 
identified at pH from 8.5 to 10.0, salinities from 0 to 105, temperatures from −4 to 0°C 
and PO4 concentrations from 5 to 50 µmol kg−1. The morphology of ikaite crystals 
precipitated was similar under all conditions, with an average crystal size of 
approximately 20 µm (Fig. 5.2 b).  
  
Fig. 5.2 Ikaite Raman spectra (a) and ikaite morphology (b) obtained under the 
experimental condition of pH = 9.0, S = 70, T = 0°C, [PO4] = 10 µmol kg−1, and 
representative for all precipitates in this study. 
5.3.2 Removal of PO4 by ikaite precipitation 
 Results of the ikaite precipitation experiments conducted at different pH values (8.5 
to 10), salinities (0 to 105), temperatures (−4 to 0°C) and initial PO4 concentrations (5 
to 50 µmol kg−1) are shown in Fig. 5.3 to Fig. 5.6. The duplicate experiments (exp. 1 
and exp. 2) show a good reproducibility. All experiments show the same pattern for 
PO4 removal by ikaite precipitation. The concentration of	  PO4 in solution decreases 
with the amount of ikaite precipitated. The concentration of PO4 drops steeply during 
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the PO4 concentration in solution reaches an equilibrium (within 1 h) even though 
ikaite crystals continue to grow. The pattern of PO4 removal by ikaite precipitation 
under all experimental conditions presented in this study is similar to that observed in 
studies on PO4 coprecipitation with calcite and aragonite (House and Donaldson, 1986; 
Kitano et al., 1978). The total amount of PO4 in solution being removed by ikaite 
precipitation is independent of the amount of ikaite being precipitated.  
5.3.3 Solution supersaturation at the onset of ikaite precipitation 
 The solution supersaturation with respect to ikaite (Ω) under different pH values, 
salinities, temperatures and PO4 concentrations is shown in Table 5.1. Ω increases with 
increasing pH from 3.0 to 5.4 at pH from 8.5 to 10. There is no significant difference in 
Ω at different salinities as well as at different temperatures and PO4 concentrations. 
Table 5.1 Common logarithm of the ion activity product of calcium and carbonate 
(log (IAP)) and solution supersaturation (Ω = IAP/Ksp, ikaite) at the onset of ikaite 
precipitation under different pH, salinity, temperature and phosphate concentration 




Exp. conditions Exp. conditions Log (IAP) Ω 
pH effect: 
at S 70, T 0oC, PO4 10 µM 
8.5 -6.73 ± 0.025 3.0 
9.0 -6.67 ± 0.011 3.5 
9.5 -6.53 ± 0.005 4.7 
10.0 -6.48 ± 0.020 5.4 
S effect: 
at pH 9.0, T 0oC, PO4 10 µM 
0 -6.59 ± 0.021 4.2 
35 -6.68 ± 0.051 3.8 
70 -6.67 ± 0.011 3.8 
105 -6.61 ± 0.003 4.0 
T effect: 
at pH 9.0, S 70, PO4 10 µM 
0oC -6.67 ± 0.011 3.5 
-2oC -6.73 ± 0.023 3.4 
-4oC -6.74 ± 0.017 3.7 
PO4 concentration effect: 
at pH 9.0, S 70, T 0oC 
5 µM -6.71 ± 0.024 3.2 
10 µM -6.67 ± 0.011 3.5 
50 µM -6.66 ± 0.022 3.5 
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Fig. 5.3 Coprecipitation of PO4 with ikaite at different pH values and an initial PO4 
concentration of 10 µmol kg−1, S = 70, T = 0°C: (a) pH = 8.5, (b) pH = 9.0, (c) 
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Fig. 5.4 Coprecipitation of PO4 with ikaite at different salinities and an initial PO4 
concentration of 10 µmol kg−1, pH = 9.0, T = 0°C: (a) S = 0, (b) S = 35, (c) S = 70 and 
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Fig. 5.5 Coprecipitation of PO4 with ikaite at different temperatures and an initial PO4 
concentration of 10 µmol kg−1, pH = 9.0, S = 70: (a) T = −4°C, (b) T = −2°C and (c) 
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Fig. 5.6 Coprecipitation of PO4 with ikaite at different initial PO4 concentrations and 
pH = 9.0, T = 0°C, S = 70: (a) [PO4] = 5 µmol kg−1, (b) [PO4] = 10 µmol kg−1 and (c) 
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5.4 Discussion 
5.4.1 General pattern of PO4 coprecipitation with ikaite 
 In this study, the concentrations of Ca2+ and CO32− in solution increase with 
pumping time until the onset of ikaite precipitation where the solution reaches the 
highest Ω. After the ikaite precipitation started, Ω decreases until it reaches Ω = 1 
(ikaite solubility). As the nucleation rate depends on solution supersaturation (Boistelle 
and Astier, 1988), a fast nucleation rate will be expected at the initial stage of 
precipitation. Immediately after the nucleation, the solution saturation level drops 
rapidly, and so does the nucleation rate while growth of crystals continues (Vekilov, 
2010). The removal behavior of PO4 by ikaite precipitation indicates that 
coprecipitation of PO4 with ikaite mainly occurs during ikaite nucleation stage and that 
the further growth of ikaite crystals has little effect on the removal of PO4, and thus the 
PO4 concentration in solution does not change with the subsequent growth of ikaite. 
However, the final PO4 equilibrium concentration differs under different experimental 
conditions. Next, the effect of each experimental condition on PO4 coprecipitation with 
ikaite will be discussed below. 
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5.4.2 Effect of pH on PO4 coprecipitation with ikaite 
 The pH value has a significant effect on PO4 removal by ikaite precipitation 
(Fig. 5.7). The coprecipitation of PO4 with ikaite increases with increasing pH. At 
pH = 8.5, 42% of PO4 is removed from solution by ikaite precipitation; above pH = 
9.5, more than 90% of PO4 is coprecipitated with ikaite. This might be due to the fast 
ikaite nucleation rate resulting from the higher Ω at higher pH (Table 5.1), which leads 
to more PO4 being removed as discussed in section 4.1. In sea ice brine, pH can vary 
from 8 to up to 10 (Gleitz et al., 1995; Papadimitriou et al., 2007). The elevated pH is 
attributed to photosynthetic activity (Gleitz et al., 1996). It is reasonable to speculate 
that the initial enrichment of nutrients would enhance photosynthetic activity in sea ice 
(Gleitz and Thomas, 1993), resulting in an increase of pH in brine. The increase in pH 
and thus the increase in brine Ω in turn might prompt ikaite precipitation (Hu et al., 
2014), which is again likely to limit biological activity due to the removal of PO4 by 
ikaite precipitation.  
 
Fig. 5.7 Percentage of PO4 removal by ikaite precipitation at different pH and an initial 
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5.4.3 Effect of salinity on PO4 coprecipitation with ikaite 
 Salinity affects the PO4 removal by ikaite precipitation (Fig. 5.8). PO4 is nearly 
completely coprecipitated with ikaite in freshwater (S = 0). However, at salinity 35 or 
higher, there is no significant difference in PO4 removal at varied salinities. As 
discussed in section 4.1, nucleation rate is driven by the saturation state of the solution. 
However, the nucleation rate could also be strongly affected by the presence of 
inhibitor ions, such as Mg2+ (Reddy and Wang, 1980). As a result, although the 
solution Ω at the onset of ikiate precipitation are similar between S = 0 and S ≥ 35 
(Table 5.1), the difference in PO4 removal by ikaite precipitation should be due to the 
absence/presence of inhibitor ions in solution. The concentrations of inhibitor ions at 
different salinities do not seem to affect the coprecipitation of PO4 with ikaite in ASW. 
It is therefore reasonable to argue that the change in salinity in sea ice brine might not 
have a significant impact on the amount of PO4 removed by ikaite precipitation since 
the brine salinity would not drop to zero. 
 
Fig. 5.8 Percentage of PO4 removal by ikaite precipitation at different salinities and an 
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5.4.4 Effect of temperature on PO4 coprecipitation with ikaite 
 The change in temperature in the studied range from −4 to 0°C has no effect on the 
amount of PO4 coprecipitated with ikaite (Fig. 5.9). The removal of PO4 by ikaite 
precipitation is nearly the same in this small temperature range. The temperature range 
studied here was limited because ASW at S = 70 would have frozen at temperatures 
below −4°C (Feistel, 2008). Nevertheless, a laboratory study on the coprecipitation of 
PO4 with calcite also shows that the amount of PO4 coprecipitated with calcite is 
independent of temperature in the temperature range from 12°C to 32°C (Rodriguez et 
al., 2008). Thus, one might expect that at lower brine temperatures, the removal of PO4 
by ikaite precipitation does not differ substantially from that observed in the 
temperature range used in this study. 
 
Fig. 5.9 Percentage of PO4 removal by ikaite precipitation at different temperatures and 
an initial PO4 concentration of 10 µmol kg−1, pH = 9.0, S = 70. 
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5.4.5 Effect of initial PO4 concentration on PO4 coprecipitation with ikaite  
 Initial PO4 concentration greatly affects the amount of PO4 coprecipitated with 
ikaite (Fig. 5.10). The percentage of PO4 removal by ikaite precipitation decreases 
slightly with increasing initial PO4 concentration. This result indicates that the 
distribution coefficient of PO4 in solution and PO4 coprecipitated with ikaite (k = Cin 
ikaite/Cin solution) depends on the initial PO4 concentration; the distribution coefficient k 
decreases with increasing initial PO4 concentration. Nevertheless, the absolute amount 
of PO4 removed by ikaite precipitation is still larger at higher initial PO4 
concentrations. For example, 3.6 µmol kg−1 PO4 was removed at an initial PO4 
concentration of 5 µmol kg−1; while about 30 µmol kg−1 can be removed at an initial 
PO4 concentration of 50 µmol kg−1. From this result, we can infer that if the PO4 
concentration in sea ice brine is low, the precipitation of ikaite can remove PO4 more 
efficiently while if ikaite precipitation occurs at high PO4 concentrations, more PO4 
can be removed from sea ice. 
 
Fig. 5.10 Percentage and absolute amount of PO4 removal by ikaite precipitation at 
different initial PO4 concentrations and pH = 9.0, T = 0°C, S = 70. 
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5.5 Conclusions 
 We investigated the effect of ikaite precipitation on phosphate (PO4) concentration 
under conditions representative for sea ice brine and show that the concentration of 
PO4 in solution is strongly affected by ikaite precipitation. PO4 can be coprecipitated 
with ikaite. The coprecipitation of PO4 with ikaite mainly occurs at the early stage of 
ikaite formation (nucleation), and PO4 reaches a constant concentration in solution 
even when ikaite crystals continue to grow. The highly variable physico-chemical 
conditions in sea ice are likely to have an impact on PO4 removal by ikaite 
precipitation. The amount of PO4 coprecipitated with ikaite increases with increasing 
pH and initial PO4 concentration. Salinity (S ≥ 35) and temperature have little effect on 
PO4 coprecipitation with ikaite in ASW. The fact that PO4 can be strongly 
coprecipitated with ikaite indicates that ikaite precipitation could deplete the phosphate 
concentration in sea ice and thus have an impact on biological activity. 
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In this thesis, I show that amorphous calcium carbonate (ACC) is not a necessary 
precursor in ikaite formation. pH as well as phosphate (PO4) can act as a switch 
between ikaite and vaterite polymorphs. High pH and/or the presence of PO4 favor the 
formation of ikaite in freshwater. However, PO4 is not, like previously postulated, 
crucial for ikaite formation in sea ice brine due to the presence of other ions (Mg2+ and 
SO42-), which could also favor ikaite formation. According to the study concerning the 
onset time (defined as the time from the moment when the pumping starts until the 
moment that crystals are observed), pH is the controlling factor in ikaite precipitation; 
high pH dramatically shortens the onset time. The change in salinity as well as 
temperature influences CO32- concentrations and activities of Ca2+ and CO32- in 
opposite directions; the resulting impact on ikaite precipitation depends on the 
competition between these two effects. The change in PO4 concentrations does not 
affect ikaite precipitation. 
The coprecipitation of PO4 with ikaite was studied for the first time in this thesis. 
The findings reveal that the precipitation of ikaite can greatly affect PO4 
concentrations in sea ice. The coprecipitation of PO4 with ikaite only occurs at the 
early stage of ikaite precipitation and PO4 reaches an equilibrium concentration even 
though ikaite continues to grow. The equilibrium concentration of PO4 is greatly 
affected by the chemical environments in sea ice brine, especially pH and initial PO4 
concentrations. The fact that PO4 can be coprecipitated with ikaite indicates that ikaite 
can act as a stock for PO4 in sea ice, with possible consequences for the nutrient 
regime within sea ice. 
A question that needs to be addressed in future work is the fate of ikaite after sea 
ice melts as well as that of the PO4 coprecipitated with ikaite. When sea ice melts, 
ikaite might be released to the underlying seawater. As the seawater is undersaturated 
with respect to ikaite, from the thermodynamic point of view, ikaite is expected to 
dissolve, which means that the PO4 will also be released to the seawater, which might 
enhance algae growth. However, the dissolution of ikaite is also controlled by kinetics, 
so far the fate of ikaite in sea ice is still not known and the same applies to the 
coprecipitated PO4. Thus there is a need for further lab studies on kinetics controlling 
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ikaite dissolution as well as the PO4 release mechanism during ikaite dissolution 
processes. Furthermore, in situ investigation of PO4 removal by ikaite precipitation in 
sea ice should be carried out in the future to better understand the biogeochemical 
processes in sea ice. 
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ABSTRACT. We identified ikaite crystals (CaCO3·6H2O) and examined their shape and size distribution
in first-year Arctic pack ice, overlying snow and slush layers during the spring melt onset north of
Svalbard. Additional measurements of total alkalinity (TA) were made for melted snow and sea-ice
samples. Ikaite crystals were mainly found in the bottom of the snowpack, in slush and the surface layers
of the sea ice where the temperature was generally lower and salinity higher than in the ice below.
Image analysis showed that ikaite crystals were characterized by a roughly elliptical shape and a
maximum caliper diameter of 201.0 115.9mm (n=918). Since the ice-melting season had already
started, ikaite crystals may already have begun to dissolve, which might explain the lack of a relationship
between ikaite crystal size and sea-ice parameters (temperature, salinity, and thickness of snow and ice).
Comparisons of salinity and TA profiles for melted ice samples suggest that the precipitation/dissolution
of ikaite crystals occurred at the top of the sea ice and the bottom of the snowpack during ice formation/
melting processes.
INTRODUCTION
Ikaite (CaCO36H2O) is a hydrated calcium carbonate
polymorph that is generally found in cold and saline
conditions (e.g. Pauly, 1963). The precipitation of calcium
carbonate during the formation of polar sea ice was a
controversial subject for decades and has only recently been
shown to really occur (Dieckmann and others, 2008, and
references therein). Dieckmann and co-workers were the
first to report the occurrence of ikaite in Antarctic sea ice
(Dieckmann and others, 2008) and shortly after in Arctic sea
ice (Dieckmann and others, 2010). Low-temperature and
high-salinity conditions during sea-water freezing and brine
formation in sea ice lead to supersaturation for ikaite and
subsequent precipitation of ikaite crystals in sea-ice brine.
So far little is known about the fate of ikaite if the sea ice
starts to melt. Two scenarios are possible: (1) during the sea-
ice melt season, an increase in ice temperature and decrease
in brine salinity could induce dissolution of ikaite crystals; or
(2) ikaite crystals could be rejected from themelting ice to the
underlying water column, which could affect the carbonate
chemistry in underlying sea water (Fransson and others,
2011). The precipitation/dissolution of ikaite crystals in sea
ice could be an important contributor to the atmosphere–
sea-ice–ocean carbon cycle in polar seas throughout sea-ice
formation/melting processes (Rysgaard and others, 2007).
Thus far the quantification of ikaite in sea ice has been
examined by measuring the weight of the ikaite crystals
(Dieckmann and others, 2008), by measuring the calcium
concentration after dissolution of ikaite crystals (Fischer and
others, 2012) and by analyzing the carbonate system in
melted ice/brine samples (Rysgaard and others, 2007;
Fransson and others, 2011; Geilfus and others, 2012).
Dieckmann and others (2008, 2010) described the typical
morphology of ikaite crystals and based part of the phase
identification on morphological grounds. However, to date,
a detailed morphometric characterization of ikaite crystals
found in polar sea ice is lacking.
In this study, we examine the shape and size distribution
of ikaite crystals in Arctic first-year sea ice based on image
analysis. A detailed characterization of crystal shape and
size will provide important information to identify the
environmental conditions and history leading to the forma-
tion/dissolution of ikaite crystals in polar sea ice. Addition-
ally, total alkalinity (TA) was used as a simple indicator to
quantify precipitation/dissolution.
MATERIALS AND METHODS
Sea-ice field observations were carried out at eight sea-ice
stations on first-year Arctic pack ice at the spring melt onset
north of Svalbard from 27 April to 11 May 2011 (Fig. 1;
Table 1) during the Norwegian Polar Institute’s Centre for
Ice, Climate and Ecosystems (ICE) cruise on R/V Lance.
Snow and slush samples were collected using a clean
polycarbonate shovel and transferred into polyethylene zip-
lock bags. Snow and slush temperature was measured using
a needle-type temperature sensor (Testo 110 NTC, Brandt
Instruments, Inc., USA).
Sea-ice samples were collected using an ice corer with an
inner diameter of 9 cm (Mark II coring system, KOVACS
Enterprises, Inc., USA). Immediately after sea-ice collection,
ice temperature was measured by inserting a needle-type
temperature sensor into holes drilled at 5–10 cm intervals
into the core. Thereafter, a second ice core for ikaite crystals
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was collected within 10 cm of the temperature core and cut
into 5–10 cm thick sections with a stainless-steel saw. The
ice sections were placed in polyethylene zip-lock bags. At
station 21, a third core for measurements of ice algal
pigments and phosphate concentrations was collected
within 10 cm of the ikaite core and cut into 3–20 cm thick
sections, which were transferred into polyethylene zip-lock
bags and stored in the dark in a large cooler box.
Brine samples from sea ice were obtained at station 21
using the sack hole method (e.g. Gleitz and others, 1995).
Sack holes were made using an ice corer as described above
for ice coring. A 25–50 cm deep hole in the sea ice was
covered with a 5 cm thick urethane lid to reduce heat and
gas transfer across the brine–atmosphere interface. After the
brine accumulated at the bottom of the hole over a period of
10–15min, the brine was sampled with a diaphragm pump
(EWP-01, As One Corporation, Japan) and collected into a
100mL polypropylene bottle (I-Boy, As One Corporation,
Japan) for measurement of salinity and a 120mL amber glass
vial (Maruemu Co. Ltd, Japan) for measurement of TA. Brine
temperature was measured in situ after the sampling of brine
by the same sensor as described above for ice cores.
A detailed account of ikaite sample treatment is provided
by Dieckmann and others (2008). Briefly, once back on
board, snow, slush and sea-ice samples were immediately
transferred into a refrigerator (+48C) for melting. The melting
process was checked regularly. During the final melt phase,
samples were swirled until the last pieces of ice had melted.
This ensured that the sample remained at a temperature of
08C throughout the melting process of 2–3 days. The
melted ice samples were transferred from polyethylene zip-
lock bags into 1000mL Nalgene polycarbonate containers
(Thermo Fisher Scientific, USA). In order to examine
the presence/absence of ikaite crystals in the samples, the
meltwater was stirred in the container to induce a vortex.
Ikaite crystals, if present, accumulated in the centre of
the container and could be detected by eye. When present,
the ikaite crystals were sampled with a pipette and filtered
over 0.4 mm polycarbonate filters (Millipore, USA) under low
vacuum, not exceeding 200mbar. The filter was placed in a
2mL Nalgene cryovial (Thermo Fisher Scientific, USA) with
75% cold ethanol and stored at –808C. Photographs of ikaite
crystals were taken with a stereomicroscope (Model M205C,
Leica Microsystems, Germany) prior to filtration.
For TA measurements, the supernatant of the remaining
melted snow, slush and sea-ice samples was transferred to a
120mL amber glass vial.
Once on board, sea-ice samples for ice algal pigment and
phosphate were transferred into light-proof ice-core boxes
and thawed at +48C. After thawing, meltwater was filtered
onto Whatman GF/F glass-fiber filters under low vacuum.
For ice algal pigment, filters were placed in a 2mL Nalgene
cryovial (Thermo Fisher Scientific, USA), shock-frozen in
liquid nitrogen and stored at –808C. For phosphate measure-
ments, the filtered water was transferred into a double-rinsed
50mL polypropylene tube (VWR, Germany) and stored at
–208C until analysis.
The salinities of the brine and melted snow, slush and sea
ice were measured with a conductivity sensor (Cond 315i,
WTW, Germany). The TAs of the brine and melted snow and
sea ice were measured with a titration system (TitroLine
alpha plus, SI Analytics GmbH, Germany). The TA measure-
ments were calibrated using an in-house standard (North Sea
water collected offshore of Helgoland) traceable to the
Certified Reference Material (Batch 111) (Scripps Institution
Fig. 1. Location map of the sampling area north of Svalbard.
Table 1. Sampling date, time, location, air temperature, snow and slush depths and ice thickness at sampling stations
Station Date in 2011 Time Location Air temperature Snow depth Slush depth Ice thickness
UTC 8C cm cm cm
1 27 April 14.23 80838’49’N, 12816’27’ E –3.5 33.5 No slush >500
11 29 April 09.00 80847’38’N, 12826’05’ E –0.7 5.0 No slush 88.0
20 2 May 10.30 81803’09’N, 16827’00’ E +0.3 19.6 7.0 58.0
21 3 May 11.00 81809’43’N, 16802’41’ E –6.5 25.0 No slush 125.0
22 6 May 10.00 80855’47’N, 15816’44’ E –0.9 30.0 No slush 119.0
25 8 May 08.30 80832’46’N, 19827’07’ E –1.9 3.3 No slush 85.0
27a 10 May 14.00 80849’04’N, 16817’36’ E –12.8 39.0 3.0 124.0
27b 11 May 09.00 80848’01’N, 16817’27’ E –10.5 1.0 10.0 31.0
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of Oceanography, USA). Ice algal and phytoplankton
photosynthetic pigments (chlorophyll a) were measured
according to Hoffmann and others (2006) by high-perform-
ance liquid chromatography (HPLC) with a Waters 600
controller (Waters Corporation, USA).
Phosphate concentrations were determined with an auto-
analyzer system (Quaatro, SEAL Analytical, Ltd, UK, method
Q-031-04 Rev.2) according to the Joint Global Ocean Flux
Study (JGOFS) spectrophotometric method (JGOFS, 1996).
The analyzer was calibrated from 0 to 3 mmol L–1 with
standard reference materials for nutrient analysis (CertiPUR,
Merck, Germany) and checked with spiked low-nutrient sea
water (LNSW) provided by OSIL, UK.
Phase identification for the ikaite crystals was undertaken
using a WITec alpha 300 R (WITec GmbH, Germany)
confocal Raman microscope. Ikaite crystals stored in a
freezer (–208C) were transferred to a glass Petri dish in the
cold room (+48C) and immediately set to the microscope to
keep cool during the investigation (within 2–3min). Photo-
graphs of the ikaite crystals were also taken under the
stereomicroscope (SteREO Discovery V12, Carl Zeiss
Microscopy Co. Ltd, Germany).
The image-analysis program ImageJ (software version
1.45s, Wayne Rasband, National Institutes of Health, USA;
http://rsb.info.nih.gov/ij) was used to investigate the shape
and size of the ikaite crystals from micrographs (Fig. 2). The
surface area (S), perimeter (P) and maximum/minimum
caliper diameters (dmax/dmin) were determined for each
crystal. The diameter of a circle that has the same area,
dS ¼ ð4S=Þ1=2, and the same perimeter, dP ¼ P=, as the
crystal was calculated. Relationships between dS and dP
are measures of deformation of the crystals and have been
used previously in a sea-ice floe study (e.g. Toyota and
others, 2006).
RESULTS
Air temperature ranged from –12.88C to +0.38C during the
sampling time (Table 1). Air temperatures measured con-
tinuously at 30 s intervals during the study period (27 April–
11 May) over R/V Lance indicated that the mean air
temperature was –5.3 4.48C.
A slush layer had developed at the snow–sea-ice interface
at stations 20, 27a and 27b (Table 1). Snow accumulation
over sea ice leads to the formation of a slush layer below sea
level (Haas and others, 2001). In this study, slush was
generally observed at stations with high snow depth/low ice
thickness (Table 1).
Snow and slush depth ranged from 1.0 to 39.0 cm for all
stations and 3.0 to 10.0 cm for stations 20, 27a and 27b,
respectively (Table 1). Ice thickness ranged from 31.0 to
125.0 cm, with the notable exception of >500.0 cm at station
1 (multi-year or rafted ice). Generally, slush was observed at
stations with high snow depth/low ice thickness (Table 1).
Mean temperature ranged from –5.38C to –0.48C for
snow, –2.88C to –1.58C for slush (–3.98C for brine) and
–4.28C to –0.88C for sea ice (Table 2). For sea ice,
temperatures at the top of the core were generally lower
than those at the middle and bottom of the core.
Mean salinity ranged from 0.0 to 6.0 for snow, 20.2 to
23.4 for slush layers and 0.0 to 7.1 for sea ice (Table 2). In
general, slush salinity was higher than snow and sea-ice
salinity. Extremely high salinity (78.3) was measured for the
brine samples at station 21 (Table 2).
Phase identification of collected crystals with a confocal
Raman microscope confirmed that the crystals found during
the cruise were indeed ikaite. The general appearance of
ikaite crystals is shown for the slush sample collected at
station 20 (Fig. 2a). Similar images of ikaite crystals were
obtained from other stations.
During the study period, a total of 96 samples of melted
snow (n=13), slush (n=5) and sea ice (n=78) were checked
Fig. 2. (a) Photographic image of ikaite crystals in slush. Owing to the
overlap of ikaite crystals (a), ImageJ software could not extract each
crystal. Therefore, each crystal was outlined by visually drawing a
red line around its perimeter (b) and moved to eliminate the overlap
between crystals (c). Each crystal was then colored red and extracted
according to its brightness using ImageJ. Note that crystals touching
the edge of the image were excluded from the analysis.
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for the presence of ikaite crystals. We found ikaite crystals in
32 samples (one-third of all samples). Ikaite was more often
found in sea-ice samples (n=26) than snow (n=4) and slush
(n=2) samples. The highest numbers of crystals were found
in samples from the bottom of snow, slush layers at the ice–
snow interface (e.g. Fig. 2a) and the topmost part of sea ice,
while only small amounts were discovered in the remaining
samples, especially in the down-core samples where crystals
were virtually absent.
Temperature and salinity deviated widely and there was
no clear relationship between the two for presence/absence
of ikaite crystals (Fig. 3). The average temperatures of
samples containing ikaite crystals and those lacking crystals
were very similar: –2.21.18C and –2.41.28C, respect-
ively (Fig. 3). The average salinity was 7.05.3 for samples
with crystals and 4.9 6.1 for samples without.
Mean and median of dmax ranged from 112.4 to 375.7 mm
and 108.3 to 381.0 mm between stations (Table 3). For all
crystals (n=918), mean and median of dmax were 201.0 and
171.4mm, respectively (Table 3; Fig. 4). The mode of the size
distribution for dmax was 125.0mm (Fig. 4). No relationships
were found between dmax (mean) and parameters (r=0.5,
p=0.3 for ice temperature; r=0.4, p=0.5 for air tempera-
ture; r=0.3, p=0.6 for salinity; r=0, p=0.9 for ice thickness;
r=0, p=0.8 for snow thickness).
The slope of the relationship between dS and dP and dmin
and dmax for all crystals (n = 918), of 1.14 and 1.65
respectively (Fig. 5), represents the deformation ratio in the
former and the aspect ratio in the latter.
Bulk ice/snow TA tended to decrease with depth, from
1238.9mmol L–1 at the bottom of the snow to 305.7 mmol L–1
at the bottom of the sea ice (Fig. 6). For the upper parts of the
snow, bulk TA was almost zero (12.8 mmol L–1). Bulk ice/
snow salinity also tended to decrease with depth, from 18.0
at the bottom of the snow to 4.0 at the bottom of the sea ice.
For the upper parts of the snow, salinity was zero. Bulk ice/
snow TA and salinity profiles showed very similar trends
except for the bottom of snow and the top 25 cm of sea ice
(Fig. 6).
Bulk ice/snow TA was normalized to a salinity of 5.4,
the mean value of bulk ice/snow salinity. The normalized TA
(n-TA) was constant (410.310.0mmol L–1) for the middle
and the bottom parts of the sea ice, while it deviated more
than 39 mmol L–1 from the mean values (410.3 mmol L–1) for
the bottom of snow and the top 25 cm of sea ice.
Fig. 3. Relationships between temperature and salinity for melted
snow, slush and sea-ice samples. Symbols are shown for presence
and absence of ikaite crystals. Black and gray lines indicate themean
value for presence and absence of ikaite crystals, respectively.
Table 2. Mean (range) temperature and salinity for sampled snow, slush (brine) and sea ice
Temperature Salinity
Station Snow Slush Sea ice Snow Slush Sea ice
8C 8C 8C
1 –3.0 (–5.1 to –1.7) No slush –4.2 (–4.7 to –3.6) 0.0 (0.0–0.0) No slush 0.0 (0.0–0.0)*
11 –1.2 (–2.5 to +0.1) No slush –2.3 (–3.5 to –1.0) 0.0 (0.0–0.0) No slush 6.5 (5.2–8.3)
20 –0.5 (–1.5 to 0.0) –2.8 (–2.8 to –2.8) –1.6 (–2.0 to –0.9) 1.3 (0.0–2.5) 20.2{ 7.1 (4.1–10.6)
21 –2.2 (–3.2 to –1.9) –3.9 (–3.9 to –3.8) { –2.9 (–4.1 to –1.1) 6.0 (0.0–18.0) 78.3 (77.6–79.6){ 5.3 (3.1–9.0)
22 –2.4 (–3.4 to –0.1) No slush –2.9 (–3.9 to –1.5) 2.4 (0.0–7.1) No slush 5.8 (4.3–8.8)
25 –0.4 (–0.6 to –0.1) No slush –1.0 (–1.5 to –0.7) 0.0* No slush 6.4 (3.7–12.3)
27a –5.3 (–8.9 to –2.4) –2.1{ –2.1 (–2.7 to –1.2) 0.1 (0.0–0.2) 37.6{ 1.4 (0.1–2.9)
27b –3.3{ –1.5 (–1.5 to –1.5) –0.8 (–0.9 to –0.6) No data 23.4 (23.2–23.5) 5.3 (4.1–7.0)
*Only top 15 cm of sea ice. {Only one datum. {Brine (no slush).
Fig. 4. Size distribution of dmax for all ikaite crystals (n=918)
examined in this study.
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Chlorophyll-a concentrations at station 21 were
<0.3 mg L–1 throughout the core, except for the bottom
3 cm (5.8 mg L–1). Phosphate concentrations were
<0.12mol L–1 throughout the core.
For the middle and the bottom parts of the sea ice and
upper parts of the snow, bulk ice/snow TA and salinity were
highly correlated (r=0.99, p<0.0001; Fig. 7a). Data points
for the bottom of the snow and the top of the sea ice
deviated from this regression line (Fig. 7a). Brine TA was
considerably higher (4440.3 132.5mmol L–1) and located
below the regression line (Fig. 7b).
DISCUSSION AND CONCLUSION
Comparison of the images taken of the ikaite crystals in this
study with those from previous studies in Antarctic sea ice
(Dieckmann and others, 2008; Fischer and others, 2012) and
Arctic sea ice (Dieckmann and others, 2010) indicates that
they share a similar morphology.
Generally, cold and saline conditions favor the precipi-
tation of ikaite crystals in the natural environment (e.g.
Omelon and others, 2001). The lowest temperatures are
generally measured at the top of the sea-ice cover, closest to
the cold atmosphere, leading to the formation of the highest
brine salinity through the sea ice. Therefore, ikaite crystals
were most frequently found at the top of sea ice (Dieckmann
and others, 2008, 2010; Fischer and others, 2012).
Additionally, the slush layer formation observed during the
study period supplied sea water to the top of the sea ice and
likely enabled ikaite precipitation in the slush, snow and sea
ice when the temperature decreased. On the other hand, for
the warm sea ice, sea-water supply to the top of sea ice leads
to the undersaturation for ikaite due to a dilution effect.
Therefore, ikaite crystals tend to dissolve.
Temperature and salinity relationships showed no signifi-
cant difference between samples with and without ikaite
crystals. During the sampling period, snow and sea-ice
temperatures were relatively high and it is reasonable to
assume that ikaite crystals tend to dissolve during the spring
melt onset. Therefore, relationships between temperature
and salinity measured during the study period did not reflect
the physico-chemical conditions that prevailed when the
precipitation of ikaite occurred. This is one reason why we
did not detect significant differences in temperature and
salinity conditions for samples with and without ikaite
crystals (Fig. 3). Our results suggest that knowledge of the
sea-ice growth history, particularly low temperatures during
the freezing season, will be important in elucidating the
conditions for ikaite formation because brine salinity is
strongly driven by brine temperature (e.g., Eicken, 2003),
which in turn will determine precipitation.
Most ikaite crystals were roughly elliptical to elongate in
shape (Figs 2 and 5). Dieckmann and others (2008) reported
that the shape of ikaite crystals varied from almost
idiomorphic to xenomorphic and some were apparently
constrained by the dimensions of the brine channel network.
The size range for the ikaite crystals obtained in this study
(36–812 mm) is consistent with that for Antarctic sea ice
Table 3. Mean, standard deviation (SD) and median for dmax (m) of ikaite crystals
Sample name Station Sample type Sample position Number of crystals dmax
Mean SD Median
#03 20 Sea ice Top 7 cm 168 200.7 86.4 181.2
#09 20 Slush – 111 150.9 56.4 143.5
#10 20 Sea ice Top 10 cm 132 213.6 130.0 122.6
#16 21 Snow Bottom 9 cm 76 375.7 153.7 381.0
#17 21 Sea ice Top 10 cm 177 112.4 44.1 108.3
#29 22 Snow Bottom 10cm 210 218.0 94.5 199.2
#35 27b Sea ice Top 5 cm 44 265.0 80.8 263.5
All crystals – – – 918 201.0 115.9 171.4
Fig. 5. Relationships between (a) dS and dP and (b) dmax and dmin. dS and dP indicate the diameters based on the area and perimeter,
respectively. dmax and dmin indicate maximum and minimum caliper diameters, respectively.
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(<5–600 mm; Dieckmann and others, 2008). Although
crystal size was not quoted, light micrographs of ikaite
crystals in Arctic sea ice (fig. 2 in Dieckmann and others,
2010) showed a similar size range to that obtained in this
study. At the saline spring discharge, much larger sizes of
ikaite crystals (up to 5000 mm) were observed (Omelon and
others, 2001) although the water quality and environmental
conditions were much different from those of sea ice.
Therefore, like the shape of the ikaite crystals (e.g.
Dieckmann and others, 2008), the size of the crystals in
sea-ice systems might also be restricted by the size of the
brine channel and pockets.
Comparison of TA and salinity profiles suggests that
precipitation/dissolution of ikaite crystals occurred at the
bottom of snow and in the top parts of the sea ice and brine,
where ikaite crystals were found. Additionally, deviations of
n-TA, for the bottom of snow and the top parts of the sea ice,
from the mean values for the middle and bottom parts of the
sea ice also suggest precipitation/dissolution of the ikaite
crystals at the bottom of snow and in the top parts of the sea
ice. During calcium carbonate precipitation, TA decreases
(Zeebe and Wolf-Gladrow, 2001). Therefore, TA and salinity
relationships can be useful indicators for the precipitation/
dissolution of ikaite crystals: the precipitation of ikaite
crystals leads to a decrease in the TA:salinity ratio (n-TA)
(data points would be below the regression line given in
Fig. 7). Although the dissolution of ikaite crystals leads to an
increase in n-TA, the dissolution of all ikaite crystals
previously formed in a given depth of sea ice would
compensate changes in alkalinity (data points would stay
on the regression line given in Fig. 7). However, one data
point above the regression line (Fig. 7a) suggests excess
dissolution of ikaite crystals transferred from adjacent parts of
the sea ice. The well-developed brine channel network
during the spring melt onset could facilitate ikaite transport.
In addition to the precipitation/dissolution of calcium
carbonate, biological activity also alters TA (Zeebe and
Wolf-Gladrow, 2001). The largest deviations in TA and
salinity were observed at low chlorophyll-a concentrations
at the surface of sea ice, while TA and salinity were not
deviated at high chlorophyll-a concentrations measured in
the bottom 3 cm of the core. These results suggest that the
effect of biological activity on TA was minor for the sea-ice
system in this study.
Relationships between TA and salinity were used to
quantify ikaite concentrations in sea ice and snow. Deviation
of TA from the regression line was used as a measure for the
amount of ikaite crystals in sea ice and snow. We have
calculated ikaite concentrations at the bottom of snow and
the top of sea ice, except for the one data point from the
top of sea ice where the plot was above the regression line.
Ikaite concentrations (expressed as mg ikaite L–1 of melted
samples) ranged between 5.6 and 11.3mg L–1. Our values
fall within the range reported by previous studies on Ant-
arctic sea ice (0–19.4mg L–1: Dieckmann and others, 2008;
0.01–126mgL–1: Fischer and others, 2012). Previous max-
imum values were higher than those reported in this study.
The variation in ikaite concentrations reported so far for
polar sea ice can be explained by different scenarios. Since
the ice-melting season had already started when this study
was conducted, ikaite crystals may already have begun to
dissolve, which might explain the lack of a relationship
between ikaite crystal size and sea-ice parameters (tempera-
ture, salinity, and thickness of snow and ice). It is also
possible that differences in ikaite concentration are related
to differences in the sea-water (brine) composition. It has
been reported that high concentrations of phosphate favor
Fig. 6. Depth profiles for the bulk ice/snow TA (blue) and salinity
(red) in snow and sea ice at station 21.
Fig. 7. Plots of (a) TA and salinity for snow and sea ice at station 21 and (b) addition of brine data to (a). Dotted red line represents the
regression of data points from the middle and the bottom of the sea ice and the top of the snow (blue circles).
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the precipitation of ikaite (Bischoff and others, 1993). In this
study, phosphate concentrations were almost zero
(<0.1 mmol L–1) in the top parts of the sea ice. However,
sea-ice growth history, especially ice temperature, can be
expected to be the most important driving force behind
ikaite precipitation (dissolution) in sea ice. Without knowing
this parameter exactly over time, it is difficult to determine
why ikaite concentrations reported so far (this study;
Dieckmann and others, 2008; Fischer and others, 2012)
differ. A solid quantification of ikaite formation in polar sea
ice requires investigations in which the temperature and
other physico-chemical parameters are determined from the
beginning of ice formation until the time of sampling.
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